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It would be beneficial to develop an alternative pH measurement technique for soils, 
since the standard glass electrode method suffers deficiencies with unpredictability in 
liquid junction potential, high drift and the necessity for electrode calibration with 
variable ionic strength solutions if high accuracy is required. Other problems with the 
electrode method for use in soils include clogging of the porous fiber of electrodes, 
and the “suspension effect”, which can result in a negative bias when there is 
substantial H+ present on exchange sites. 
Spectrophotometric methods using indicators offer an alternative to eliminate several 
inherent issues with potentiometric pH measurement. This approach has been widely 
used in for pH determination of marine waters due to the high reproducibility 
achievable (≥ 0.001 pH units) but has not previously been developed for soils.  
The aims of this thesis were i) to develop a spectrophotometric method for measuring 
soil pH in the circumneutral (5-8) and acidic (< 5) pH range; ii) to develop a mixed 
dye spectrophotometric method that can be used for any the soil in the pH range 3-9; 
and iii) to use these techniques for evaluating the consistency of the thermodynamics 
of the soil carbonate system.  
In the first experiment, spectrophotometric determination of the concentrations of the 
acid and base forms of phenol red and bromocresol purple were used for soil pH 
measurement in the pH range of 5.0-8.5. This spectrophotometric method showed a 
strong relationship (r2 > 0.95) with values determined using a glass electrode in both 




for measurement on replicate soil extracts for both spectrophotometric and glass 
electrode methods. The application of the spectrophotometric method was then 
extended to use with acidic soils by employing an indicator, bromocresol green, with 
a lower pKa; again, a strong correlation (r
2 > 0.99) was achieved between 
spectrophotometric and glass electrode pH measurements. 
In the next experiment, a mixed dye (bromophenol blue, bromocresol purple, m-cresol 
purple, and thymol blue) method was developed that has a much wider working pH 
range of 3-9; in comparison the working pH range of single dye methods is approx. 
±1 pH unit from their pKa. In the mixed-dye method, pH was calculated based on ratio 
of absorbance at selected two wavelengths and individual dye properties using 
fundamental equations derived from Beer’s law. The accuracy of the method was 
found to be within ±0.00-0.06 pH units against certified pH buffers. 
In the last experiment, measurements and modelling was conducted to evaluate the 
consistency of the thermodynamics of the soil carbonate system. pH was calculated 
from a known concentration of pCO2 applied for soil solution equilibration and 
alkalinity titration and then comparing the results with pH measured using 
spectrophotometer and glass electrode. The internal consistency of the soil carbonate 
system was shown with a precision of ±0.03 pH units. Difference of calculated pH 
from measured pH was within 0.00-0.1 pH units in soil solutions with alkalinity > 0.5 
meq L-1. 
In conclusion, the application of novel spectrophotometric pH measurement methods 
for soils has been developed. The indicators which have been calibrated allow wider 
soil pH measurement between 3-9 which is also useful for other application such as 




illuminating acid-base reactions in soils, especially including the geochemically 
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INTRODUCTION AND REVIEW OF LITERATURE 
 
1.1 Introduction  
Measurement of pH is conducted routinely in various scientific areas due to its 
significance in biological and chemical reactions. In soil studies, pH is utilized to 
understand and predict metal speciation (Sauve et al. 2000; Wiesner et al. 2006), 
inorganic carbon speciation (Bond-Lamberty and Thomson 2010) and nutrient 
availability and microbial activity (Miller and Kissel 2010). Accurate and precise 
measurement of pH is vital in all of these applications. 
Soil pH is also widely used in soil classification (Isbell and National Committee on 
Soils and Terrain 2016; Soil Survey Staff 2017) and assessment of environmental 
hazard related to acidification (Brennan et al. 2004) especially for acid sulfate soil 
materials which are categorized as sulfuric, hypersulfidic, hyposulfidic or 
monosulfidic depending of their current and potential pH (Fitzpatrick et al. 2010; 
Creeper et al. 2012).  
The established method for determining soil pH involves the use of a potentiometric 
glass electrode (Skoog et al. 2007). However, even when used carefully, errors of 0.1 
pH units or greater may occur due to inherent issues such as residual liquid junction 
potential (Millero 1986), high electrode drift (Yuan and DeGrandpre 2008), and 
clogging of electrode porous fibres (Skoog et al. 2007).  
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Spectrophotometric pH determination using indicators offers an alternative to 
potentiometric pH measurement that obviates many of the above-mentioned problems 
with glass electrodes. Spectrophotometric pH determination has been extensively 
applied in the marine chemistry field because of the high accuracy (> 0.01 pH units) 
obtained by instant indicator equilibrium (Yao and Byrne 2001). In addition, this 
method does not require the use of calibrating buffers so long as dye characteristics 
have been determined (Clayton and Byrne 1993).  
There is therefore potential to develop spectrophotometric pH determination as a more 
accurate pH measurement technique for soils that can circumvent many of the 
potential inaccuracies associated with the conventional glass electrode method. This 
chapter reviews potential problems related to pH determination using the glass 
electrode method and the potential advantages of the spectrophotometric method, 
along with the theory behind it.   
1.2 Soil pH 
Soil pH is the negative logarithm of the activity of protons (H+) in the soil solution 
(Essington 2005), and is an indicator of the relative degree of acidity or alkalinity 
(Strawn et al. 2015). Accurate soil pH measurement is necessary in assessing acid-
base equilibria (Stumm and Morgan 1996), including equilibria involving soil carbon 
dioxide and carbonate (Suarez 1977), the weathering of soil minerals and the cascade 
of reaction that occur as a result of human-induced soil acidification (Andrews and 
Schlesinger 2001; King et al. 2001; Berner 1997; Bormann et al. 1998). 
The speciation and consequent plant availability of numerous soil trace metals are also 
pH sensitive (Lindsay 1979; Sauve et al. 1997; Strawn et al. 2015). Sauvé et al. (2000) 
showed that there is a significant difference in Zn partition coefficients (the ratio of 
2
sorbed metal concentration to the dissolved metal concentration (Kd)) through narrow 
pH ranges (Kd = 562 at pH 6, 488 at pH 5.9 and 648 at pH 6.1). Therefore, it is vital 
to develop an accurate pH measurement technique for soils as even a +/- 0.1 pH unit 
errors can induce significant changes in the bio- chemical processes in soil, especially 
near toxicity thresholds (Lindsay 1979; Kiseel et al. 2009). As an example, figure 1 
shows the activity of Al3+ in equilibrium with amorphous Al3+ hydroxide (Lindsay, 
1979), dropping approximately 60% for each 0.1 unit rise in pH. 
The other main use of soil pH determination is in informing farm management 
practices, especially liming, but also fertilizer application (Kissel et al. 2009), since 
soil pH influences microorganism activity (Miller and Kissel 2010) which governs the 
soil organic matter decomposition resulting in release of plant-available nutrients 
(Jones and Benton 2012). Soil pH is also used extensively in soil classification (Isbell 
and National Committee on Soils and Terrain 2016 and Soil Survey Staff 2017) which 
provides comprehensive information on soil physicochemical properties, including 
degree of weathering, soil moisture and metal oxide content (Hewitt 1992). 
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Figure 1: Theoretical lines for hydrolysis species of Al3+ in equilibrium with amorphous Al3+ 
hydroxide against pH (3-10, at 0.1 pH units intervals). 
 
1.3 Soil pH measurement methods 
1.3.1 Glass electrode method   
Soil solution pH (prepared at a particular soil/solution (often water or dilute CaCl2) 
ratio (e.g.,1:1, 1:2 or 1:5 w/v)) measurements are traditionally made electrometrically 
using a glass electrode, consisting of a glass membrane electrode paired with a 
reference electrode (McLean 1982; Essington 2015; Rayment and Lyons 2011).  
The glass electrode is surrounded by a buffer solution of known pH that is 
encompassed in a glass membrane which is proton sensitive. The reference electrode 
consists of an Ag(s)/AgCl(aq) couple in a saturated reference electrolyte (KCl) 
solution. The corresponding reaction is expressed by:  




























These two electrodes are connected to each other through a salt bridge which balances 
the internal positive and negative charges of ions produced or consumed as well as 
producing an electrical connection via diffusion of KCl into the soil solution 
(Essington 2015) (Figure 2).  
 
 
Figure 2: A typical pH electrode is a combination of glass membrane electrode and reference electrode. 
 
There are potential problems in gaining an accurate measurement of pH in soils using 
the glass electrode. First, an inherent and unmeasurable liquid junction potential exists 
between the two internal solutions in the two neighbouring electrodes (Manov et al. 
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1944; Skoog et al. 2007); this can cause errors of the order of 0.1 pH units (Millero 
1986). 
Also, another potential issue with the glass electrode is the effect of soil cation 
exchange capacity on the electrode performance; this is referred to as the suspension 
effect (Essington 2015).  This causes a potential difference between the soil sample 
solution and the KCl solution in the reference electrode (Coleman et al. 1951; Peech 
et al. 1953; Deshpande and Marshall 1961) leading to inaccurate pH measurements. 
According to Essington (2015) and Wiesner et al. (2006), such errors can be eliminated 
through electrode calibration using buffers with the same electrolyte composition as 
the samples. This in fact is quite difficult and time consuming to perform in practice 
due to the range of ionic strengths found in different soils.  
A third potential problem is alteration in electrode response over time (Whitfield et al. 
1985). This is especially true for samples with low ionic strength (Millero 1986). 
Using a dilute salt solution such as CaCl2 rather than water as an extractant has been 
widely adopted by soil scientists to avoid this problem; this also improves stabilization 
of electrodes during calibration (Rayment and Lyons 2011). However, this practice 
has been found to lead to lower pH readings (Miller and Kissel 2010) due to the 
replacing of protons by Ca2+ on soil cation exchange sites (Conyers and Davey 1988). 
Hence, the measurement of true pH in the soil solution is not obtained via this method. 
Finally, there is the potential for clogging of the porous fibres of pH electrodes over 
time, which limits the flow of liquid from the salt bridge into the solution resulting in 
slow equilibration and ultimately an inaccurate pH measurement (Skoog et al. 2007). 
pH can be explained through the NBS, free hydrogen ion concentration (pHfree) and 
total hydrogen concentration (pHT) scales. The NBS pH scale is described by electrode 
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measurements of NBS certified buffers. However, liquid junction potential restricts 
the effectiveness of this scale. The free hydrogen ion concentration scale (applied for 
freshwater, Yao and Byrne 2001) is regarded as the free hydrogen ion concentration 
which is defined by spectrophotometric pH measurements. The total hydrogen 
concentration which has been used for seawater include free hydrogen ion 
concentration and the total sulfate concentration. (Dickson and Goyet 1994; Seidel 
2001). 
1.3.2 Colorimetric methods  
Methods that use indicator chemicals whose colour varies with pH have been used for 
determining the soil pH in a number of different ways (Snyder 1935; Raupach and 
Tucker 1959; Mclean 1982;). Snyder (1935) used addition of individual indicator (pH 
range of 3-9) to determine the pH of centrifuged soil solution through the comparison 
of solution colour change with colour standards. In the approach of Raupach and 
Tucker (1959), soil was compounded with a mixed dye and dusted with barium sulfate 
powder to provide a white background to better observe the indicator colour. The pH 
determined this way agreed well with the glass electrode method. However, the colour 
chart used is less accurate (within ±0.5 pH units) and the method slower than use of a 
glass electrode. Colorimetric methods have also been used as embedded dyes in the 
form of pH test paper in fields for rough pH determination (Mclean 1982). 
1.4 The introduction of spectrophotometric pH measurement method 
The colorimetric methods for pH determination all use the human eye to detect colour. 
From an analytical chemistry point of view, a spectrophotometer should be able to 
achieve this with better sensitivity as it can measure the absorbance at the particular 
wavelength appropriate to a given molecule or part of a molecule (chromophore). 
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Beer-Lambert’s Law (eqn.1) describes the reduction in the intensity of light caused by 
absorbed of a solution in spectrophotometer cell (Sarkar 2005). 
A = λ ( ελ [x])𝑙                                                                                                             [1]                                                                                                                              
Where A is the absorbance at wavelength , λ is the molar absorptivity of a molecule 
at specific wavelength , [x] is the concentration of the molecule and l is the optical 
(spectrophotometer cell) pathlength. 
Sulfonephthalein indicators are a group of chemicals well suited to spectrophotometric 
water pH measurement due to 1) their relatively high solubility in aqueous solution 
(Yuan et al. 2006); 2) different absorption maxima in the visible range for 
deprotonated (I2-) and protonated (HL-) species (Byrne et al. 1988) (Figure 3 shows 
the absorbance spectra of acid and base forms of bromocresol purple (BCP) as an 
example); and 3) dependency of first and second dissociation constants of indicator 
(H2I) on pH offering a primary basis for relating absorbance to [H
+] (equations 2a and 
2b) (Clayton and Byrne 1993). 
 H2I ⇌ HI
− + H+  K1=
[HI−] [H+]
[H2 I]
                                                                                                                           [2a]     
HI− ⇌ I2− + H+             K2 =  
[I2−][H+]
[HI−]
                                                                                                           [2b]                   
Table 1 shows the working pH range of several sulfonephthalein indicators, covering 
the pH range of 3-9.6. The working pH range of individual indicator dyes is restricted 
approximately ±1 pH unit from their pKa (King and Kester 1990; Yao and Byrne 
2001). This is a particular problem for soils with a wide pH range. Although previous 
studies have indicated a universal mixed dye is theoretically achievable for accurate 
pH determination in a wide pH range (Raghuraman et al. 2006), it has not yet been 
8
entirely trialed. Furthermore, less attention has been given to the dissociation constant 
and molar absorptivities of some indicators at lower ionic strength; these are vital 




Figure 3: The absorbance spectra of acid (solid line) and base (dotted line) forms of bromocresol purple 





























  Table 1: Sulfonephthalein indicators at pH range 3-9.6 
Indicator pH range 
Bromocresol green 3.5 - 5.3 
Bromocresol purple 5.3 - 6.8 
Phenol red 6.8 - 8.3 
m-Cresol purple 7.4 - 9 
Thymol blue 8 - 9.6 
 
1.4.1 Theory of spectrophotometric method 
The principles of the spectrophotometric method have been previously discussed by 
Bates (1973), Robert-Baldo (1985), and Clayton and Byrne (1993). The measurement 
is built upon the second dissociation of a sulfonephthalein pH indicator as a weak acid 
added to sample solution: 
HI− ⇌ I2− + H+              K2  =  [
[I2−][H+]
[HI−]
]                                                                 [3]                    
Where the brackets [ ] signify the concentration of ions. 
The negative logarithmic form of equation [3] (Henderson–Hasselbalch equation) can 
be used for determination of pH of the conjugate acid-base system: 
10
pH = pKa + log [
[I2−]
[HI−]
]                                                                                                [4]                                                    
Based on equation 1 (Beer-Lambert law), the absorbance of an indicator dye at 
wavelength λ in solution is given by: 
Aλ =  ( ελ HI [HI
−] +  εIλ [I
2−])𝑙                                                                                                [5]                                     
Where λx is the molar absorptivity of each individual dye species (x = I
2- or HI-), and 
l is the optical (spectrophotometer cell) path length. 
Combining equations 4 and 5 gives equation 6, which provides pH on the free 
hydrogen ion concentration scale (pHfree) (Yao and Byrne 2001): 
pH =  −log [H+] = pKa + log
(R−e1)
(e2−Re3)
                                                                      [6]                                              
Where R is the absorbance ratio of base to acid indicator species (A2 / A1) at 
wavelength λ2 and λ1, and e1-e3 are the ratios of indicator molar absorptivities (ε) 
which depend on each indicator’s absorbance properties.  
Equations [6] must be modified to account for the effect of ionic strength on ion 
activity. Therefore, Equation [4] is explained in terms of the individual ion activity 
coefficient terms (I, H, HI) for the dye dissociation: 
pH = pKa + log [
[I2−]
[HI−]






]                                                                      [7] 
Where γi are the ion activity coefficients of each ion which can be determined via the 
Davies equation (Stumm and Morgan 1996): 
log 𝛾 = − 𝐴𝑧2 (
𝜇1/2
1+ 𝜇1/2
− 0.3𝜇)                                                                                                             [8] 
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Where A= 0.5092 + (T-298.15) x 8.5 x 10-4 (T is temperature in kelvin), z is the charge 
on the ion, and µ is ionic strength (M). (these values for the Davies equation are 
appropriate for < 0.5 M solutions, Stumm and Morgan 1996). Debye–Hückel equation 
is only acceptable to very dilute solution, with the ionic strength of < 0.01 (Murray 
2004) which signifies is not suitable for soil solutions used in this study. 
By combining equation (6) with the Davies equation (8), pH can now be calculated 
for a solution with indicator dye added through: 






− 0.3μ)                                   [9]            
Full justification of equation [9] will be discussed in the following chapter.      
1.4.2 The application of spectrophotometric methods for pH measurement in 
water 
The spectrophotometric method using a pH sensitive indicator has been found to be 
straightforward, swift and precise (Chierici et al. 1999) in monitoring the effect of 
human-induced increases in atmospheric carbon dioxide concentration on the marine 
carbonate system (consisting of total alkalinity, total inorganic carbon, pH and pCO2) 
and subsequently water acidification (Ohline et al. 2007).  The spectrophotometric 
method has been used for pH measurements in seawater (Robert-Baldo et al. 1985; 
Byrne and Breland 1989; King and Kester 1989; Bellerby et al. 1995; DeGrandpre et 
al. 2014), freshwater (Yao and Byrne 2001; French et al. 2002; Lai et al. 2016) and 
estuarine water (Millero, 1986; Mosley et al. 2004; Gabriel et al. 2005; Gallego-Urrea 
and Turner 2017). 
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Spectrophotometric equipment has been designed by marine chemists for monitoring 
in situ pH of seawater (Seidel et al. 2006; Liu et al. 2006; Ohline et al. 2007) with high 
spatial and temporal resolution. This can provide more reliable calculated pCO2 values 
in comparison with directly measured pCO2 (Tapp et al. 2000; Nakano et al. 2006) 
due to its the high accuracy of 0.004-0.005 pH units and precision of 0.001 pH units 
(Bellerby et al. 1995, 2002; Tapp et al. 2000).   
The higher precision (within ±0.0004-0.001 pH units) and accuracy (0.001-0.005 pH 
units) (Clayton and Byrne 1993; McElligott et al. 1998; Tapp et al. 2000; Bellerby et 
al. 2002; Martz et al. 2003) of spectrophotometric pH measurements relative to glass 
electrode measurement is governed by the knowledge of indicator dye characteristics 
such as the equilibrium constant (pKa) which is temperature, salinity and pressure 
dependent and the absorbances of acid and base indicator dye species which are 
measured so as to determine pH (Bates and Vijh 1973; Yao and Byrne 2001). 
Additionally, this method does not require calibration with standard materials 
(Chierici et al. 1999) as it is dependent only pKa and ei values (Seidel 2006). (However, 
DeGrandpre et al. (2014) recommended tris buffer for checking the performance of 
spectrophotometer). Therefore, in the marine field, spectrophotometric pH 
measurement has long been used in preference to the potentiometric glass electrode 
method (Shao et al. 2013) since it obviates many potential problems related to glass 
electrode outlined above (Yao and Byrne 2001). 
Soil inorganic carbonate is a significant potential global carbon sink (Schlesinger 
1977) and it also needs to be characterized accurately so as to better understand the 
response of soil’s carbon cycle to climate change. However, first, the internal 
consistency of soil carbonate system parameters needs to be evaluated. The internal 
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consistency of marine carbonate system has previously been documented as 
mentioned above (Clayton et al. 1995, Wanninkhof et al. 1999; Lueker et al. 2000; 
Patsavas et al. 2015). 
1.5 The aims of this study 
As described above, the higher precision and accuracy of spectrophotometric pH 
measurement has led to it being preferred over the glass electrode method in the field 
of marine chemistry (Robert-Baldo et al. 1985; Byrne et al. 1988; Ohlin et al. 2007).  
On the other hand, in the field of soil chemistry, the glass electrode method has 
remained the standard technique to determine soil pH despite the deficiencies outlined 
above. The main goal of this research was to develop and apply novel 
spectrophotometric techniques for soil pH measurement.  
The following experiments/chapters follow as: 
i. The first experiment involved development of a spectrophotometric method 
for determining pH of soil extracts and comparison with glass electrode 
measurements (chapter 2). Based on the typical pH range found in soils (5- 
8.5), two sulfonephthalein indicators, bromocresol purple and phenol red, were 
deployed for this study. The precision of spectrophotometric soil pH values 
was evaluated against those obtained with the glass electrode.  
ii. The second experiment extended the application of the spectrophotometric 
method to acidic soils (chapter 3). This required the identification of a suitable 
indicator dye and determination of its characteristics (pKa, molar absorbances) 
for accurate pH determination in the acidic range (pH < 5). The method was 
tested during the incubation of acid sulfate soils which undergo a wide range 
of pH variations during oxidation.  
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iii. The third experiment was aimed at further optimizing and testing a mixed 
indicator dye for soil solution pH measurements across the wide pH range (pH, 
3-9) found in soils circumventing problems associated with single dye 
measurement in soils (chapter 4). 
iv. The fourth experiment was to develop a model to evaluate the consistency of 
thermodynamics of the soil carbonate system by calculation of one parameter 
from the other two inputs. In the laboratory, we investigated the probability 
that persistent and true soil solution pH could be achieved indirectly from 
carbon dioxide equilibria using the carbonate model suggested by Stumm and 
Morgan (1996). This will be conducted through calculating pH from known 
concentration of pCO2 applied for soil solution equilibration and alkalinity 
titration and then comparing the results with pH measured using 
spectrophotometer and glass electrode (Chapter 5).  
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Development of a Spectrophotometric Method for 
Determining pH of Soil Extracts and Comparison 
with Glass Electrode Measurements
Soil Chemistry
Soil pH measurement using conventional glass electrodes has several limi-
tations. A spectrophotometric method was developed for determining soil 
pH involving indicator dye (bromocresol purple or phenol red) addition to 
soil extracts. Results were compared against values determined using a glass 
electrode for a range of soils (n = 13) with varying properties using differ-
ent extraction conditions (1:1 w/v soil/water, 1:1 soil/0.01 mol L–1 CaCl2, 1:5 
soil/water and 1:5 soil/0.01 mol L–1 CaCl2) and high and low ionic strength 
buffer calibrations of the electrode. For all extraction conditions, there was a 
strong relationship (r2 > 0.95, slope ≈ 1) between values of the spectrophoto-
metric (pHspec) and glass electrode (pHelec) methods. The precision of pHspec 
was similar to pHelec measurements across the different extraction conditions 
(±0.02–0.08 average standard deviation of triplicate measurements, n = 39). 
Large and variable differences were observed between pHelec measured fol-
lowing calibration with high (µ = 0.1 mol L–1) and low (µ = 0.005 mol L–1) 
ionic strength buffers. In contrast, ionic strength effects on the indicator dye 
and resulting pHspec calculation are implicitly accounted for. A spectropho-
tometric reflectance probe in situ method was also successfully trialed. The 
spectrophotometric pH method circumvents many of the problems associated 
with the use of glass electrodes in soil solutions.
Soil pH is a very important controller of chemical and biological processes in soils. Accurate measurement of pH is needed for prediction of metal ion binding to oxide minerals, which occurs in relatively narrow pH ranges 
(Sauve et al., 2000; Wiesner et al., 2006). Equilibria among inorganic carbon spe-
cies are also controlled by pH in soils (Suarez, 1977), and there is currently a need 
for better quantifying inorganic carbon fluxes to and from soils in the context of 
global climate change (Bond-Lamberty and Thomson, 2010). Nutrient availabil-
ity and microbial activity in the soil are also influenced by pH, and many farm 
management practices (e.g., liming, fertilizer application) are dependent on, and/
or influence, pH measurements (Miller and Kissel, 2010).
Historically, soil pH determination has typically involved extraction of the soil 
in a simple solution (e.g., water, dilute CaCl2) at a particular soil/solution ratio (e.g., 
1:1, 1:2 or 1:5 w/v) followed by measurement using a glass electrode calibrated with 
buffer solutions (Heintze, 1934; Rayment and Lyons, 2011). However there are 
several potential issues associated with using glass electrodes to measure pH in soil 
extracts. First, the two main components of the glass electrode, namely the reference 
and the membrane glass electrode, are connected by a salt bridge of saturated KCl 
solution. An inherent but unquantifiable source of measurement error arises from 
the potential at the liquid junction between the two internal solutions surrounding 
the two electrodes (Manov et al., 1944; Skoog et al., 2007). This can cause errors of 
the order of 0.1 pH units, and is generally greatest when the solution used to cali-
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Core Ideas
•	Soil pH is a critical parameter in soils 
as it influences many biogeochemical 
processes.
•	There are problems in pH 
measurements in soils using glass 
electrodes.
•	A new spectrophotometric method 
was developed to measure pH in soils.
•	The method compared well to 
measurements using glass electrodes 
in a range of soils.
•	A reflectance probe technique was 
also successfully trialed for in situ 
measurement.




brate the electrode has a different ionic composition to that of the 
sample solution, especially for samples with low (<0.003 mol L–1 
or approximately <0.24 mS cm–1 electrical conductivity in ex-
tract) ionic strength (Millero, 1986). Wiesner et al. (2006) found 
that to eliminate errors in soil pH measurement, and associated 
metal adsoprtion prediction errors, electrodes needed to be cali-
brated with buffers prepared with the same electrolyte and ionic 
strength as samples. This is often impractical due to the range of 
ionic strengths and electrolyte compositions found in different 
soils and hence is not usually performed. Second, K+ and Cl− mo-
bility across the salt bridge may be different between soils with 
high and low cation exchange capacity (CEC) and this can lead 
to a lower or higher pH readings, respectively (Essington, 2015). 
To stabilize electrodes, CaCl2 is commonly used as an extractant 
solution for soil pH measurements (Rayment and Lyons, 2011). 
The addition of CaCl2 commonly reduces the soil pH relative 
to when water is used as an extractant (Miller and Kissel, 2010), 
which has been proposed to be due to the added Ca2+ displac-
ing protons from soil cation exchange sites (Conyers and Davey, 
1988). Hence in stabilizing electrodes, an error is introduced rela-
tive to the true soil pH and the magnitude of this error is variable 
between different soil types. Third, the porous fiber of pH elec-
trodes can become clogged, limiting the flow of liquid from the 
salt bridge into the solution, resulting in slow equilibration and 
ultimately an inaccurate pH measurement (Skoog et al., 2007). 
Fourthly, electrode pH measurements can suffer problems with 
drift (e.g., on order of –0.01 to –0.03 pH units per day, Yuan and 
DeGrandpre, 2008).
Substantial progress has been made in developing spec-
trophotometric methods for measuring the pH of seawater 
(Robert-Baldo et al., 1985; Clayton and Byrne, 1993), estuarine 
water (Mosley et al., 2004) and freshwater (Yao and Byrne, 2001; 
French et al., 2002; Lai et al., 2016). In the spectrophotometric 
method, an acid-base indicator dye is added to the sample, and 
the absorbance readings of conjugate acidic and basic dye species 
at different wavelengths are measured and used to calculate pH. 
Many of the inherent problems associated with glass electrode pH 
measurement (e.g., liquid junction potential, drift) can be avoid-
ed using this method. Also, calibrating buffers are not required in 
the spectrophotometric method once the dissociation constants 
and molar absorptivities of the dye are determined in the salinity 
and temperature range of interest. Spectrophotometric pH mea-
surements also have a higher precision than glass electrode mea-
surements (e.g., variance in replicate measurements of ±0.0004 
and ±0.0005 pH units respectively for seawater (Clayton and 
Byrne, 1993); ±0.001 to 0.01 respectively for estuarine water and 
freshwater (Yao and Byrne, 2001; Lai et al., 2016).
Indicator dyes have been used previously to determine the 
pH of soils using colorimetric methods (Snyder, 1935; Raupach 
and Tucker, 1959). In the Snyder (1935) approach, an individual 
indicator dye was added to a centrifuged soil extract and the color 
compared to prepared color standards representing different pH 
values. In the Raupach and Tucker (1959) approach, a mixed in-
dicator dye solution was combined with the soil, the soil dusted 
with white barium sulfate powder (to highlight color), and the 
color compared visually to a standard color chart (Raupach and 
Tucker, 1959; Rayment and Lyons, 2011). The indicator pH mea-
surements generally compared quite well to glass electrode mea-
surements in 1:5 soil/water suspensions (Raupach and Tucker, 
1959). However, the standard color charts used in these soil pH 
colorimetric methods have a much lower accuracy (±0.5 pH 
units) than glass electrode methods (±0.1 pH units with careful 
calibration) (Rayment and Lyons, 2011). Another potential issue 
with the Raupach and Tucker method is that the barium sulfate 
and concentrated dye solution addition to the soil may introduce 
a pH perturbation which was not assessed in its development.
The aim of this study was to examine whether the use of 
indicator dyes in combination with modern spectrophotometric 
methods can be used for determination of pH in soil extracts. 
Two sulfonephthalein indicators, bromocresol purple and phe-
nol red, were used for spectrophotometric pH measurement in 
the approximate soil pH range of 5 to 8.5. The performance of 
spectrophotometric and electrode methods was compared for 
pH measurement in both water and CaCl2 extracts at different 
soil/extractant ratios for a range of different soils.
MATERIALS AnD METHODS
Soils and preparation of Soil Extracts
Thirteen soils with a wide range of properties (Table 1) 
were utilized in the study. These soils were collected from various 
locations in South Australia, mostly collected from the surface 
(0–10 cm) layer, although four samples were included from a 0- 
to 55-cm depth profile at one site (Mobilong). The soils were 
oven-dried and sieved to obtain a <2 mm size fraction.
Four different soil extracts were prepared from each soil (1:1 
w/v 25 g soil/25 mL water, 1:1 w/v 25 g soil/25 mL 0.01 mol L–1 
CaCl2, 1:5 w/v 5 g soil/25 mL water, 1:5 w/v 5 g soil/25 mL 
0.01 mol L–1 CaCl2). Three replicates of each soil and soil ratio/
extract mixture were prepared. The soil solutions were shaken for 
1 h on an orbital shaker, and then centrifuged (1915.2 relative 
centrifugal force) for 30 min as per standard methods (Rayment 
and Lyons, 2011). After centrifuging, approximately 10 mL of 
the soil extract supernatant was carefully pipetted into a clean 
polyethylene tube for immediate analysis.
Spectrophotometric Soil pH Measurement
The spectrophotometric pH method is based on measure-
ment of the dissociation of a protonated (acid) indicator dye spe-
cies (HI−) to its unprotonated (base) form (I2−) (Robert-Baldo 
et al., 1985; Clayton and Byrne, 1993):
HI− 

 I2− + H+ [1]
The equilibrium constant (K2, second dissociation constant 
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The pH on the free hydrogen ion concentration 
(mol H+ kg–1) scale is obtained from the following equation 
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 [3]
where pK2 = –log K2; R is the ratio of light absorbance (Abs.) 
at the absorbance maxima of base (I2−, l2) and acid (HI
−, l1) 
dye forms respectively (R = l2Abs./l1Abs.); e1 to e3 denote in-
dicator molar absorbance ratios which are constants based on an 
individual dye’s absorbance characteristics; the last term is the 
Davies equation for correcting for ionic strength effects on ion 
activity where m is ionic strength (mol L–1), which is applicable 
to <0.5 mol L–1 solutions (Stumm and Morgan, 1996); and A = 
0.5092 + (T – 298.15) × 8.5 × 10−4 where T is the temperature 
in kelvin. The Supplemental Material contains a full derivation 
and explanation of the spectrophotometric method theory.
Bromocresol purple and phenol red dye stock solutions were 
prepared at a concentration of 3 × 10–3 mol L–1 and adjusted to 
a pH where approximately equal concentrations of acid and base 
forms were present (pH ≈ 7.5 and 5.9 for phenol red and bromo-
cresol purple, respectively) using 0.1 mol L–1 HCl and NaOH. 
Indicators were not specifically tested for the potential impurities 
present in this study either but the magnitude of the pH errors 
these introduce (<0.01 pH units, Mosley et al., 2004) are not ex-
pected to be important for the large pH ranges found in soil.
UV-visible spectra were collected using matched glass cu-
vettes with a 1-cm path length on a double-beam spectropho-
tometer (GBC UV/VIS 916) equipped with Cintral software. 
The ratio of indicator absorbances (R) at their absorbance maxi-
ma were determined from these spectra. For phenol red, the acid 
and base indicator species were measured at wavelengths of 433 
nm (l1) and 558 nm (l2), respectively. For bromocresol purple, 
the acid and base indicator species were measured at wavelengths 
of 432 nm (l1) and 589 nm (l2), respectively.
A spectrophotometric cell holder equipped with a water 
thermostat maintained the cuvette solution temperature at 25°C. 
Before measurement, sample tubes were placed in a separate water 
bath adjusted to 25°C to pre-equilibrate for approximately 30 min. 
After temperature equilibration, 4 mL of sample and 0.03 mL of 
dye stock was pipetted into the cuvette, which was capped, invert-
ed to mix the dye, and placed in the spectrophotometer. Sample 
solution without dye was placed in the reference beam of the in-
strument. The full absorbance spectra with and without dye was 
recorded between 350 and 750 nm (example spectra in Fig. 1a).
To account for any minor pH perturbation following dye ad-
dition, the ratio R used for pH calculation (Eq. [3]) was that ex-
trapolated to zero dye addition via linear regression of the R val-
ues calculated for three sequential dye additions versus the volume 
(0.03, 0.06, 0.09 mL) of dye addition (Clayton and Byrne, 1993) 
(example shown in Fig. 1b). Addition of these volumes of dye gave 
a final dye concentration in the range of approximately 2 × 10−5 to 
6 × 10−5 mol L–1 (refer to Fig. 1a for the corresponding absorbance 
values). Three replicates were analyzed for each extract. The respec-
tive molar absorbance ratios of e1 to e3 and thermodynamic dis-
sociation constants (pK2) of the two (phenol red and bromocresol 
purple) indicator dyes (Eq. [4] and [5]) at 25°C used for the pH cal-
culations were those previously reported by Yao and Byrne (2001).
pK2 = 5.798 + 666.7/T (phenol red) [4]
pK2 = 5.226 + 378.1/T (bromocresol purple) [5]
where T is the temperature in kelvin, and the pK2 values are at 
infinite dilution for impure indicators.
Ionic strength (m) was calculated from measured electrical 
conductivity (EC, mS cm–1) in each soil solution using a calibrat-
ed conductivity electrode (TPS Glass K = 1.0 Cond Sensor) using 
the equation (Griffin and Jurinak, 1973; Gillman and Bell, 1978):
m = EC x 0.0127 [6]
To assess the accuracy of the spectrophotometric method 
in the absence of soil, a standard phosphate buffer solution was 







Exchangeable cations  
CEC
 
Total CCa Mg na k Total
cm ––––––––––– % ––––––––––– –––––––––––––––––––––– cmol(+) kg-1 ––––––––––––––––––––––– %
Monarto 0–10 84.6 7.1 8.3 4.9 1.01  <0.10 0.53 6.4 8.2 1.0
Arboretum 0–10 50 35 15 6.1 1.2 0.5 1.8 9.6 15 2.9
Lock siliceous 0–10 95 0 5 7.7 0.8 0.4 1.0 9.9 7.7 1.6
Karoonda 0–10 97.4 0.2 2.4 1.15 0.33  <0.17  <0.15 1.5 2.0 0.35
Ngarkat 0–10 95.8 1.0 3.2 2.19 0.35  <0.17  <0.15 2.5 3.1 0.67
Lock Horizon 0–10 97.5 2.5 0 3.2 1.0 0.4 0.1 4.7 2.5 3.7
Mt Compass 0–10 97.2 1.7 1.1 1.5 0.31  <0.1 0.08 1.8 3.6 0.5
Modra 0–10 65 5 30 18 3.2 0.6 3.5 25 28 2
Tumby Bay 0–10 51 21.5 27.5 4.7 1.5 0.2 0.9 7.4 10.0 2.9
Mobilong 0–10 53 9 38 7.2 14.0 19.4 1.2 41.8 43.6 11.1
10–20 8.5 19 72.5 3.6 6.8 11.1 0.5 22.0 36.9 5.9
20–35 15 12 73 6.7 11.1 15.2 1.2 34.1 43.7 7.0
35–55 2 27 71 5.1 8.5 11.5 0.9 26.1 36.5 2.4
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prepared (NIST Standard Reference Material 186 g, refer to 
certification documentation on NIST website for details). The 
phosphate buffer had a certified pH = 6.77 on the free hydrogen 
ion concentration pH scale (pH 6.86 on NIST/NBS pH scale 
based on hydrogen ion activity as provided by the NIST certi-
fication and Bates and Acree, 1945; refer to Eq. [7] below for 
detail on this conversion). A spectrophotometric pH = 6.772 ± 
0.002 was measured for this buffer which indicated the method 
was accurate in the absence of soil.
glass Electrode Soil pH Measurement
The pH of each of the soil extracts was concurrently moni-
tored with pH electrodes (Orion SureFlow) connected to a 
TPS model pH meter after calibration with two different ionic 
strength buffers: one low ionic strength buffer (m = 0.005 mol 
L–1) using potassium hydrogen phthalate and dihydrogen/
hydrogen phosphate NIST buffers at approximately pH 4.0 
and pH 6.86, respectively, and commercially manufactured 
(Australian Chemical Reagents) standard high ionic strength 
buffers (m ≈ 0.1 mol L–1) at pH 7 and 4 at 25°C. Three replicates 
of each sample were analyzed at 25°C as per the spectrophoto-
metric measurements.
The pH measured using the glass electrode is defined on the 
NBS/NIST scale as pHNBS/NIST = –log aH+, where aH+ is the 
hydrogen ion activity. To enable comparison between the pH 
values obtained by the spectrophotometric method, the NIST/
NBS pH electrode measurements 
were corrected to the hydrogen ion 




pHNBS/NIST + loggH+ [7]
where the activity coefficient for H+ 
(gH+) was calculated via the Davies 
equation (refer to the Supplemental 
Material Eq. [12]) using the ionic 
strength of the soil extract measured 
as outlined above.
Reflectance probe in situ 
Soil pH Measurement
The spectrophotometric pH 
measurement method was also tested 
in reflectance mode following dye 
application directly to 1:1 soil/water 
mixtures. A StellarNet Black Comet 
spectrometer with a R600-8-visible-
near infrared fiber optic reflectance 
probe for VIS-NIR was utilized. 
During reflectance measurements 
the seven exterior fibers on the fiber 
optic probe are illuminated by a high 
output power light source and the single interior read fiber collects 
the reflected light and returns the signal to the spectrometer. To 
test the method, 1:1 soil/water mixtures of Mobilong and Tumby 
Bay soil samples were prepared but not centrifuged. A reference 
spectrum (350–750 nm) was collected of the soil mixture in the 
absence of dye. The phenol red and bromocresol purple dye stock 
solution (approximately 0.12 mL) was then mixed directly into 
the 1:1 soil mixture, the reflectance spectrum recorded and the 
reference spectrum subtracted. The pHspec was then calculated as 
described above.
RESuLTS
Comparison of Spectrophotometric  
and glass Electrode pH Measurements
The relationship between pH values determined by spec-
trophotometric and glass electrode (calibrated with high ionic 
strength buffer at 25°C) methods across the 13 soils (pH range 
approximately 5−8.5) for the four different soil extract condi-
tions is shown in Fig. 2. There was a strong linear correlation 
between pHelec and pHspec in 1:1 water (y = 0.9626x + 0.3111, 
r2 = 0.9916), 1:5 water (y = 0.9599x + 0.258, r2 = 0.989), 1:1 
0.01 mol L–1 CaCl2 (y = 0.9966x + 0.1128, r
2 = 0.9887), and 
1:5 0.01 mol L–1 CaCl2 (y = 0.9717x + 0.2148, r
2 = 0.9802) 
extracts. In general, samples plotted close to the linear (pHspec vs. 
pHelec) regression line although there is some deviation for some 
soils. Figure 3 shows the difference between spectrophotomet-
Fig. 1. (a) Absorbance vs. wavelength for base (I2–) and acid (HI–) forms of phenol red (pR) in a 1:1 soil 
extract before and after addition of 0.03, 0.06 and 0.09 mL of dye; (b) plot of the absorbance ratio (R) in 
the Modra 1:1 soil/water soil extract following sequential addition of 0.03, 0.06 and 0.09 mL dye solution. 
A linear equation is fitted with the y-intercept taken to represent the R value at zero dye addition.
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ric and electrode pH measurements calibrated with high ionic 
strength buffers is generally within ± 0.2 pH units.
Calibration of the pH electrode with different (low vs. 
high) ionic strength buffers gave different pH readings for the 
same soil extract (Fig. 3). The pH readings from the electrode 
calibrated with the low ionic strength buffer were generally lower 
(approximately 0.1–0.8 pH units) than the spectrophotometric 
pH readings respectively (Fig. 3). This was a much larger differ-
ence than the difference between pH values determined by spec-
trophotometric pH readings and pH readings with the electrode 
calibrated with high ionic strength buffers (Fig. 3). This is also 
reflected in a greater divergence (lower slope) from the linear 
regression line (Supplemental Fig. S1) compared with the high 
ionic strength buffer calibration results (Fig. 2).
Effect of Soil Extractant Solutions  
on pH in Individual Soils
Spectrophotometric and glass electrode mean pH values for 
all soils and every combination of soil/solution ratio and extract-
ant are shown in Table 2. The standard deviation of triplicate pH 
measurements for individual soils and extractant ratios/solutions 
was generally small and similar for each measurement technique 
(approximately ±0.02 to 0.08 pH units, refer to Table 2). Similar 
patterns can be seen for most soil samples when comparing val-
ues determined for the four different extraction conditions. In 
general, pH was slightly lower for 1:1 water extracts than for 1:5 
water extracts. Large differences (up to 1 pH unit) were observed 
between water and CaCl2 extracts, with CaCl2 generally de-
creasing the pH. The soil/solution ratio (1:1 vs. 1:5) had a much 
smaller effect on pH for CaCl2 extracts than for water extracts.
For soils with a low EC (e.g., Mt Compass 0.16 mS cm–1, 
Monarto 0.31 mS cm–1; refer to Supplemental Table S1), the dif-
ference in pH between CaCl2 and water extracts was relatively 
large, on the order of 0.2 to 1 pH units. On the other hand, for 
the Mobilong soils, which had high EC values of 8.2 to 68.3 (mS 
cm–1) (Supplemental Table S1), the difference in pH between 
CaCl2 and water extracts was smaller (0.0003 to 0.1 units) for 
both 1:1 and 1:5 extracts (Table 2).
Measuring in situ Soil pH with a 
Spectrophotometric Reflectance probe
Absorbance spectra measured using a reflectance probe for 
two samples where dye solution was directly applied to the 1:1 
soil/water mixture are shown in Fig. 4. The in situ soil pH de-
termined using the reflectance probe was 7.71 and 5.85 for the 
Monarto and Tumby soils, respectively; there were differences 
Fig. 2. Comparison of spectrophotometric and glass electrode pH measurements (calibrated with high ionic strength commercial buffer) for 




of 0.03 to 0.27 pH units compared to the pH measured on the 
centrifuged soil extract using the bench spectrophotometer (pH 
= 7.98 and 5.82 on the 1:1 soil/water extract, respectively). The 
reflectance spectra appear noisier at wavelengths <450 nm than 
the corresponding absorbance spectra of the centrifuged extracts 
(compare Fig. 4c-d with Fig. 4a-b, respectively). This noise is due 
to a higher and more variable background absorbance from the 
soil matrix, and, while this is corrected for by subtracting the 
reference spectrum (i.e., the reflectance spectrum of the corre-
sponding 1:1 soil/water mixture without added dye) in the soft-
ware, it introduced greater uncertainty in determining R values.
DISCuSSIOn
A novel spectrophotometric soil pH measurement method 
was developed in this study. The new method produced pH 
values that correlated strongly (r2 > 0.95) with conventional 
soil pH measurements determined using a glass electrode in 1:1 
and 1:5 soil/water and soil/CaCl2 extracts. This indicates the 
spectrophotometric method is a viable alternative to the widely 
used electrode method, providing very similar results, and can be 
readily applied to a wide range of soils using conventional extrac-
tion procedures. The indicator dyes used (bromocresol purple 
and phenol red) provide the ability to measure soil pH in the 
range of 5 to 8.5, which is within the typical range of many soils. 
However, the method can be readily adapted for use with dif-
ferent indicator dyes to expand this pH range (e.g., bromocresol 
green for acidic soils, thymol blue for alkaline soils). Use of a mix-
ture of dyes would also be worth testing. Indeed, the Raupach 
and Tucker (1959) color chart technique already uses a mixed 
indicator dye solution to provide a wider pH range and it would 
be useful to couple use of mixed dyes with the greatly improved 
precision that spectrophotometric measurement provides.
The average standard deviation of triplicate measurements 
using the spectrophotometric method was comparable to that for 
the electrode method (approximately ±0.08 pH units). This pre-
cision is less than has been achieved for spectrophotometric pH 
measurement in natural waters (<0.01 units; Clayton and Byrne, 
1993; French et al., 2002; Mosley et al., 2004). We also undertook 
repeated measurements of a single soil extract split into five repli-
cates which gave an improved precision of ±0.01 pH units. This 
indicates the lower precision of the spectrophotometric method 
in soils is due to additional processing steps required such as 
weighing out the soil, adding extractant solutions, shaking, cen-
trifuging, storing of extracted samples and potential degassing of 
the CO2 of the samples (Zabowski and Sletten, 1991).
The accuracy of the spectrophotometric method relative to 
the glass electrode method cannot be readily assessed as there is 
no independently measured and certified pH standard for soils. 
It would be useful to determine if the differences in pH between 
electrode and spectrophotometric methods are significant with 
respect to thermodynamic (equilibria) calculations (e.g., via si-
multaneous measurement of inorganic carbonate equilibria and 
Fig. 3. pH difference between the spectrophotometric and glass electrode methods calibrated with buffer ≈ 0.1 mol L–1 (elec H) and with buffer 
≈ 0.005 mol L–1 (elec L) versus spectrophotometric pH values for different soil/solutions: (a) 1:1 water, (b) 1:5 water, (c) 1:1 0.01 mol L–1 CaCl2 
and (d) 1:5 0.01 mol L–1 CaCl2.
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calculating pH). The relatively good comparison which was 
found in this study between electrode and spectrophotometric 
measurements may have been due in part to very careful mea-
surement protocols (e.g., temperature control, electrodes with 
free flowing junctions designed for soil). Less care in making 
electrode measurements may produce higher discrepancies.
The spectrophotometric method has some potential ad-
vantages compared to soil electrode measurements. The spectro-
photometric method does not require the addition of stabilizing 
electrolytes (although it has been demonstrated that it can also 
perform well in 0.01 mol L–1 CaCl2 extracts). Hence spectro-
photometric measurements may more closely estimate the true 
pH of the soil (rather than an arbitrary pH after addition of cat-
ions such as Ca2+) across a wide range of soil salinities. The spec-
trophotometric pH measurements do not suffer from drift and/
or errors associated with the “suspension effect” arising from 
glass electrodes being in contact with soil mixtures. Markedly 
different pHelec readings (Fig. 3) were obtained in soils depend-
ing on the ionic strength of the buffer solution the electrode was 
calibrated in, and the low ionic strength buffer calibrated elec-
trode measurements showed poorer agreement with the spectro-
photometric pH. This variability suggests that liquid junction 
errors were likely occurring. This is consistent with the findings 
of other researchers (Bates and Popovych, 1981; Covington et 
al., 1983; Davison and Woof, 1985). Hence another key ad-
vantage of the spectrophotometric method is that it does not 
require calibration at different ionic strengths as the impact of 
the sample’s ionic strength on the indicator dye dissociation con-
stant can be corrected for by use of the Davies equation (Eq. [3], 
used at <0.5 mol L–1 ionic strength, EC of <40 mS cm–1), while 
for the glass electrode method, calibration of the pH meter with 
the same ionic strength buffer as samples is necessary to achieve 
accurate measurements (Wiesner et al., 2006). Due to the diffi-
culty and time consuming process of making different buffers to 
match soil solution composition, such calibrations are typically 
not performed in practice (Miller and Kissel, 2010). Hence the 
spectrophotometric method can be more readily applied to soils 
with a wide range of salinities.
The effect of different extraction conditions was also as-
sessed for individual soils and the spectrophotometric pH results 
showed similar trends to the electrode method. The measured 
pH generally increased when the soil/water ratio was changed 
from 1:1 to 1:5. This appears to be due to dilution effects in 
agreement with the findings of Keaton (1938). In samples with 
low ionic strength, use of CaCl2 as extractant caused a large 
decrease in soil pH which is also consistent with previous re-
search that found a difference in pH values between water and 
CaCl2 extracts of up to 1 pH unit (Miller and Kissel, 2010; 
Rayment and Lyons, 2011). However, for soils with high ionic 
strength (e.g., those from Mobilong), pH values determined on 
CaCl2 extracts were quite close to those of water extracts. This 
is in agreement with the results of Kissel et al. (2009) who re-
ported a difference of less than 0.2 pH units for soils with high 

































































































































































































































































































































































































































































































































































































































































































































































































































































































































































































































































































































































































































































strength soils reflects the fact that the addition of CaCl2 elec-
trolyte has much less of an effect on cation exchange and other 
reactions in saline soils.
The laboratory-based spectrophotometric soil pH method 
outlined is not readily applicable to in situ field application as 
shakers, centrifuges and bench spectrophotometers are required. 
However, the reflectance probe has shown that there is potential 
for the spectrophotometric method to be adapted for use in in 
situ applications. Further research is required to refine this re-
flectance approach and apply it to soils in the field.
COnCLuSIOnS
A novel method for pH measurement in soils was developed 
using precise spectrophotometric measurement of the acid and 
base forms of indicator dyes added to soil extracts. The pH mea-
sured spectrophotometrically on a range of different soils and 
extraction conditions (1:1 and 1:5 soil/water and soil/0.01 mol 
L–1 CaCl2) compared well to pH measurements using glass elec-
trodes. The indicators dyes (phenol red and bromocresol purple) 
used in this study enable measurement in the pH range of most 
soils (pH 5−8.5) but other dyes are available to expand this range 
to more acidic or alkaline soils. The application of the spectro-
photometric pH method to soils appears, however, to provide 
many potential benefits over electrode methods (e.g., readily ap-
plicable to wide range of soil salinities, no need to extract soils in 
stabilizing electrolytes which alter the pH, no drift or suspension 
effect). Therefore, this method could help improve prediction of 
other pH-dependent processes (e.g., metal binding, Sauvé et al., 
2000). Further testing of the method and comparison to other 
soil chemical properties and processes is recommended.
SuppLEMEnTAL MATERIAL
The Supplemental Material contains a complete description of the 
spectrophotometric pH equations, along with one supplementary table 
and one supplementary figure as detailed below. Table S1: The mean 
values of electrical conductivity (EC) and absorbance ratio (R). Figure S1: 
Comparison of spectrophotometric and glass electrode pH measurements 
(low ionic strength buffer) for different soil extractant solutions.
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Theory and derivation of equations that underpin the spectrophotometric pH measurement 
method 
Sulfonephthalein indicator dyes can exist in three forms H2I, HI
-, and I2-, each of which has 
distinctive light absorption characteristics. The chemical equilibria among these three forms is 
dependent on pH and can be described by the first and second dissociation constants of the fully 
protonated (H2I) dye species: 
H2I ⇌ HI
− + H+      K1 = [HI-] [H+] / [H2I]                                                                                              [1a] 
HI− ⇌ I2− + H+        K2 = [I2-] [H+] / [HI-]                                                                                                [1b] 
The total indicator concentration (IT = H2I + HI
- + I2-) can be expressed in terms of [HI], K1, K2, 
and proton concentration by: 
IT = [HI-] ([H+]/K1 + 1 + K2 / [H+])                                                                                                              [2] 
Using the Beer-Lambert law as the basis, the absorbance of an indicator dye in solution can be expressed 
by: 
λA = l (λH2I [H2I] + λHI [HI-] + λI [I2-] )                                                                                                      [3] 
where A is the absorbance at wavelength , λx is the molar absorptivity of each individual dye 
species (x = I2- or HI- or H2I), and l is the optical (spectrophotometer cell) path length. As per 
equation (2), equation (3) can be expressed in terms of the species HI by: 
 λA / l = [HI-] (λH2I [H+]/K1 +  λHI +  λI K2 /[H+])                                                                                  [4] 





+]/K1 λ  + 𝜀𝐻𝐼 + 𝜀𝐼 K2/[H
+] λ  λ
[H+]/𝐾1 + 1 + 𝐾2/[H
+]
                                                                                                       [5] 
Except at low pH the H2I concentration is insignificant, hence ignoring the first dissociation 








                                                                                                                               [6]                                  
Using equation (6) and specifying R as the ratio of indicator absorbances at λ2 and λ1 (i.e. R = 
2A/1A) we can derive:  
38
R = 
𝜀𝐻𝐼 + 𝜀𝐼 K2/[H
+] 22
𝜀𝐻𝐼 + 𝜀𝐼 K2/[H
+] 11
                                                                  [7] 
Dividing each term in the numerator and denominator by 1HI, 
R = 
𝜀𝐻𝐼/ 𝜀𝐻𝐼1 + 𝜀𝐼 K2/ 𝜀𝐻𝐼1 [H
+] 22
𝜀𝐻𝐼/ 𝜀𝐻𝐼1 + 𝜀𝐼 K2/ 𝜀𝐻𝐼1 [H
+] 11





                                                                                      [8a] 
Where e1 = 2εHI/1εHI, e2 = 2εI/1εHI, e3 = 1εI/1εHI, and then multiplying each term in the 





                                                                                                                                        [8b] 
clearing the fraction, 
R[H+] + R𝑒3K2  =  𝑒1[H
+]  +  𝑒2K2                                                                                                       [8c] 
rearranging the e1[H
+] and Re3K2 terms,  
𝑒2K2  −  R𝑒3K2  =  R[H
+] − 𝑒1[H
+]                                                                                                        [8d] 
factoring both sides of the equation, 
K2(𝑒2  −  R𝑒3)  =  [H








                                                                                                                                       [8f] 
and taking logs, 
log K2 − log [H
+]   = log
(R−𝑒1)
(𝑒2−𝑅𝑒3)
                                                                                                            [8g] 
leads to the final equation for pH as a function of the 2nd dissociation constant (pK2 = -logK2) of 
an indicator dye, the ratio of the absorbance of base and acid forms of the dye in solution (R, 
measured at the wavelength of maximum absorbance for each form), and the molar absorptivity 
ratios (e1-e3) for the dye as defined above: 
pH =  −log [H+] = pK2 + log
(R−𝑒1)
(𝑒2−𝑅𝑒3)
                                                                                                   [9] 
Which is equivalent to the well known Henderson–Hasselbalch equation: 
pH =  −log [H+] = pK2 + log
[I2−]
[HI−]
                                                                                                       [10] 
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Equations (9) and (10) are only valid for ideal solutions when the dye and background electrolyte 
concentration approaches infinite dilution. For non-ideal solutions (i.e. as in natural water and soil 
solutions) such equations must be modified to account for the effect of ionic strength on ion 
activity. Ion activity (ai) is related to concentration by: 
ai = ci i                                                                                                                                                      [11] 
Where ci is the molar concentration of the solution species i and i is the activity coefficient for 
this species. Individual ion activity coefficients () can be estimated using the Davies equation:1 
log 𝛾 = − 𝐴𝑧2 (
𝜇1/2
1+ 𝜇1/2
− 0.3𝜇)                                                                                                                     [12]                                                                                                                           
Where A is the ion size parameter2, z is the charge on the ion, and µ is ionic strength. The Davies 
equation is considered reliable at ionic strengths <0.5 M1.  
 
Therefore for the application of this equation to the 2nd dissociation constant of a 
sulfonephthalein indicator dye, the individual ion activity coefficient terms (I2-, H+, HI-) are 
included for the dye dissociation: 
pH = -log [H+] H+ = pK2 + log [I2-] I2- / [HI-] HI-                                                                                                                                    [13a] 
pH = pK2 + log [I2-]/[HI-] + log (I2- H+ / HI- )                                                                                                                                             [13b] 
 
While each individual ion activity coefficient could be calculated separately using the Davies 
equation (12), the charge (z2) terms for calculation of the individual ion activity coefficients of the 
1 Stumm, W., and J. Morgan. 1996. Aquatic chemistry: chemical equilibria and rates in natural waters. 3rd ed. Wiley 
Interscience, New York, p. 1022.  
2 A= 0.5092 + (T - 298.15) * 8.5 *10-4      where T is temperature in Kelvin.                                                                               
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dye can be combined (as other parameters in the Davies equation are constant for a given solution) 






2 =  
−22× 12
−12
= 4                                                                                                                      [14] 
By combining equation (9) with the Davies equation (12) to account for how the I2-, HI-, and H+ 
activity coefficients change with ionic strength, and using z2 =4 in the Davies equation, pH can 
now be calculated for a solution with indicator dye added via: 




























Supplemental Table S1. The mean values of electrical conductivity (EC) and absorbance ratio at 
zero dye addition (R). 










Mean Mean Mean Mean 
Arboretum 0.403 0.06 0.32 0.11 2.63 0.89 2.39 0.66 
Lock Siliceous 0.36 2.88 0.21 3.63 2.65 2.08 2.41 1.26 
Karoonda 0.37 0.05 0.17 0.06 2.5 0.55 2.32 0.66 
Ngarkat 0.27 0.22 0.75 0.15 2.34 1.68 2.4 1.34 
Lock Horizon B 0.83 8.67 0.39 15.32 2.49 2.12 3.26 1.5 
Mt Compass 0.16 0.094 1.13 0.47 2.52 0.016 2.37 0.03 
Monarto 0.31 3.07 0.14 4.32 2.57 1.6 2.43 1.13 
Modra 1.86 0.94 1.56 0.66 3.69 0.5 3.09 0.3 
Tumby 2.05 1.31 0.59 2.19 3.12 0.32 2.38 0.33 
Mobilong (5-10) 52 5.66 12.92 5.63 68.27 10.61 14.66 11.65 
Mobilong (10-20) 33.38 4.32 8.22 3.98 44.53 4.70 10.46 4.04 
Mobilong (20-35) 16.28 2.93 11.02 2.19 45.23 2.5 12.39 2.24 














 Supplemental Figure S1. Comparison of spectrophotometric and glass electrode pH 
measurements (low ionic strength phosphate buffer  0.005 M)  for different soil extractant 




























(a) 1: 1 water 
























(b) 1: 5 water 
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A B S T R A C T
pH is a “master variable” controlling many biogeochemical processes in soils. Acid sulfate soils undergo rapid
and large pH changes from circumneutral pH under anaerobic soil conditions to sulfuric soils with ultra
(pH < 3.5) and extremely (pH 3.5–4.4) acidic properties following oxidation. Measuring soil pH using a glass
electrode has several potential drawbacks including liquid junction errors, drift, suspension effects and clogging.
Spectrophotometric pH measurement, involving addition of an indicator dye to the sample, is widely used in
seawater and has recently been developed for soil extracts at circumneutral pH ranges. The aim of this study was
to extend the spectrophotometric method for application in ultra and extremely acidic soils. The acid dis-
sociation constant (pKa =5.02) and molar absorptivities of the indicator dye bromocresol green were de-
termined and shown to enable spectrophotometric pH measurement between pH 3− 5.3. To demonstrate the
performance and application of the method, pH and metal availability (Fe, Al, Zn) were measured during the
incubation of two acid sulfate soils, which both classified as hypersulfidic soils (pH > 4) and transformed to
sulfuric soils (pH < 4) after incubation for 12 weeks. The method compared well (r2> 0.99) to glass electrode
measurements under acidic conditions with high metal availability. The method has potential to improve un-
derstanding of biogeochemical processes in ultra and extremely acidic soils.
1. Introduction
Soil chemical reactions can result in the exchange or generation of
protons. Therefore, soil pH is regarded as a key chemical variable [1].
For example, metal activity typically increases with decreasing pH in
soils due to: (1) desorption of metals from surface binding sites due to
increased protonation and (2) dissolution of mineral phases [2–5]. As
pH is a log scale, even a +/−0.1 pH unit measurement error could
have a substantive effect on the accuracy of prediction of metal spe-
ciation and partitioning in soils. For example, Sauvé et al. [6] reported
that the partition coefficient, Kd (i.e. the ratio of sorbed metal con-
centration to the dissolved metal concentration) for Zn is best described
by the relationship (log10 KdZn2+ =0.62 pH – 0.97); the logarithmic
nature of the relationship results in large changes in Kd around a pH of 6
(Kd = 562 at pH 6, 488 at pH 5.9 and 648 at pH 6.1). Soil pH has also
been widely used as a key parameter in classifying soils (e.g. Isbell and
National Committee on Soils and Terrain [7] and Soil Survey Staff [8]).
The most common method for measuring soil pH uses a glass elec-
trode but such measurements have been recognized to have several
potential problems such as inherent drift [9], liquid junction potential
errors on the order of 0.1 pH units [10], clogging of the porous fibre of
electrodes [11], and a suspension effect in which the function of the
electrode is affected by soil cation exchange capacity [1]. Moreover, the
need for calibration buffers makes accurate pH measurement quite
difficult to perform for soils with varying salinity, as for accurate
measurement the calibration buffer must have the same ionic strength
and composition as the sample solution [12].
Spectrophotometric pH measurement methods using indicator dyes
represent an alternative to the glass electrode method for pH mea-
surement and eliminate the problems mentioned above [13]. The cap-
ability and accuracy (> 0.01 pH units) of this method emerges from
swift indicator equilibrium as well as consistently measured absorbance
of indicator species [13–15]. Prior to our recent study [16], which es-
tablished the application of spectrophotometric pH measurement
method for soils in the pH range 5− 8.5, this method had been used
most widely for estuarine and marine applications at pH 7− 8
[13,17–19].
It would be useful to extend the application of spectrophotometric
methods to pH < 5 for assessing acidification of soils that are ultra
(< 3.5), extremely (3.5–4.4) and very strongly (4.5–5.0) acidic (Soil
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Survey Staff, [8]). Bromocresol green (BCG) is a potentially suitable
indicator dye for use with acid soil extracts, and has been used for
determining seawater alkalinity titration endpoints within the range of
pH 3.4–4.6 [20–22]. However, very limited information is available on
the dissociation constant and molar absorptivities of BCG at lower ionic
strength; these are critical parameters required for spectrophotometric
pH measurement in soils. Further, the influence of high metal avail-
ability (e.g. Al3+) under acidic conditions on dye properties needs as-
sessment.
Acid sulfate soils provide an ideal case for testing and developing
pH methods as they undergo large pH changes during oxidation. Acid
sulfate soils (ASS) are those soils in which sulfuric acid (H2SO4) may be
produced, is being produced, or has been produced in amounts that
have a lasting effect on the main soil characteristics [23]. The pro-
duction of acidity is caused by the oxidation of pyrite (FeS2). The
classification of acid sulfate soil materials (i.e. sulfuric, hypersulfidic,
hyposulfidic or monosulfidic) is based mainly on the initial pH (pH at
time zero) and after moist and aerobic incubation [24,25] for at least 16
weeks (Isbell and National Committee on Soils and Terrain [7]). Acid
sulfate soils are identified as soils which classify as hypersulfidic soils
(pH > 4) and transform to sulfuric soils (pH < 4) after incubation
within 12 weeks (see Supplementary material Appendix 1 for more
details). Sulfuric soils and rocks (at acid mine sites) may result in so-
lubilisation of large amounts of metals (e.g. Al, Fe, Mn, Ni, Zn) and
metalloids (As, Se) [26–31]. The transformation of hypersulfidic soils to
sulfuric soils has been documented across the world, as a result of
drought, anthropogenic and global climate change conditions [32,33].
The aim of this study was to develop and test spectrophotometric pH
measurement methods for application in acidic (pH < 5) soil condi-
tions. To do this, the properties of the indicator dye BCG were de-
termined and used in spectrophotometric pH measurement during
oxidation of two acid sulfate soils. The pH results under acidic condi-
tions were compared to conventional electrode measurements and
metal availability (Al, Fe, Zn) was also assessed. The method developed
is applicable to a wide range of soils and waters under acidic conditions.
2. Materials and methods
2.1. Soil sample collection and incubation
Acid sulfate soil samples were collected from two localities: 1.
Wally´s Landing (WL) and 2. Garden Island (GI). Sampling site “Wally´s
Landing” (Finniss River; S 35°24′27.3′′ and E 138°49′53.3′′) in the
Lower Lakes area of South Australia is a permanently flooded, anoxic
wetland zone located in the Finniss River. The soil at this site is clas-
sified as a Hypersulfidic, Subaqueous Hydrosol (Isbell and National
Committee on Soils and Terrain [7]), Typic Sulfiwassent (Soil Survey
Staff [34]) and Hypersulfidic subaqueous soil [35]. A soil sample was
taken at a depth of approximately 1m below the water surface by a
using a Russian D-auger (Dormer Australia) to a soil depth of 1.8m and
partitioned according to soil horizons (see Supplementary Table 1).
Sampling site “Garden Island” (GI; S 34°48′21.2″ and E
138°32′29.0″) is in a coastal mangrove near Port Adelaide in South
Australia. The Garden Island area is intertidal and the soil at this site is
classified as a Histic-Hypersulfidic, Intertidal Hydrosol, Hypersulfidic
(Isbell and National Committee on Soils and Terrain [7]), Typic Sulfi-
saprist (Soil Survey Staff [34]) and Hypersulfidic organic soil [35]. The
GI soil was collected using a 90mm standard soil auger from the
90–110 cm soil layer (Supplementary Table 1).
In the field, soils were placed in plastic bags, sealed tightly to ex-
clude oxygen and placed on ice for transportation to the laboratory. In
the laboratory, GI soil samples were kept airtight in a fridge. The WL
soil was kept uncovered at room temperature for almost 48 h to allow
surplus water to evaporate prior to starting the incubation. In order to
aerobically incubate, 50 g aliquots of homogenized field-moist soil,
spread into a 10mm thick layer, were transferred into plastic containers
with lids equipped with holes so as to ensure soil exposure to oxygen.
Throughout the incubation, soil water content was adjusted (to remain
moist), if required, weekly for 12 weeks (method derived from
Fitzpatrick et al. [24] and Creeper et al. [25]).
2.2. The principles of spectrophotometric pH measurement
The pH on the free hydrogen ion concentration scale can be calcu-
lated from spectrophotometric measurement of an indicator dye added
to the sample solution using Eq. (1) [13,16]:



















Where pKa represents the negative logarithm of Ka (the second dis-
sociation constant of BCG), R is the ratio of maximum absorbance of
base to acid indicator forms at wavelengths λ2 and λ1 respectively, e1-
e3 are indicator molar absorbance ratios, and the last term is the Davies
equation where µ is ionic strength (M) and A=0.5092 at 25 °C ([36];
equation is applicable when µ < 0.5M). Further details, including
justification of the use of Eq. (1) can be found in Supplementary
Appendix 2 and Bargrizan et al. [16].
2.3. Determination of molar absorption ratios (e1-e3) and pKa for
bromocresol green
Molar absorption ratios (e1-e3) at wavelengths of peak maxima (λ1




















1 2 3 (2)
Where λεHI and λεI are the molar absorption coefficients (L mol−1
cm−1) of acid and base forms of the indicator measured at wavelength
λ and calculated using Beer's Law from measured absorbance, indicator
concentrations, and path length (l) [13]. To achieve this, maximum
absorbance of acid and base forms of BCG (λ1,2AHI and λ1,2AI) at (λ1
= 444 nm and λ2 = 616 nm) were determined at extreme pH values
where only the acid (approx. pH 1−2) or base (approx. pH 8−9) form
of BCG, respectively, was present [17]. This was achieved by addition
of diluted HCl and NaOH, respectively, into 1mL of diluted stock BCG
solution (2×10−3 mol L−1) in a 100mL volumetric flask. The max-
imum absorbance of base and acid forms of the indicator dye was
measured via placing the solutions in a 1 cm cuvette in a double-beam
spectrophotometer (GBC UV/VIS 916) thermostatted at 25 °C and
supplied with Cintral™ software. Examples of the acid and base spectra
under these extreme conditions are shown in Fig. 1.
In order to determine pKa of BCG at µ= 0 and 25 °C, BCG stock
solution (2×10−3 mol L−1) was added in 30 µL increments to 4mL
certified (NIST Standard Reference Material 185i) phthalate buffer
(0.05 mol kg−1) with pHNBS/NIST = 4.00 (based on hydrogen ion ac-
tivity; refer to certification documentation on NIST website for the
Table 1
BCG molar absorbance ratios (e1-e3) and pKa values at zero ionic strength and
25 °C.
Replicate e1 e2 e3 pKa
1 0.003 2.415 0.179 5.03
2 0.003 2.38 0.186 5.02
3 0.015 2.327 0.182 5.02
4 0.017 2.384 0.182 5.04
5 0.008 2.330 0.172 5.02
6 0.004 2.350 0.159 5.02
7 0.015 2.328 0.177 5.02
Average 0.009 2.359 0.177 5.02
SD 0.006 0.034 0.009 0.007
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protocol of preparation) in a 1 cm glass cuvette and R (ratio of max-
imum absorbance of base to acid forms of BCG) was measured. pKa was
then calculated using Eq. (1), where the buffer's ionic strength value
was obtained using ( = ∑μ c Zi i
1
2
2 where ci is the concentration of ions
(mol L−1) and Z is the charge number of ions), the molar absorptivities
of BCG (e1-e3) are as described and measured above, and the pH of the
NIST buffer is on the free hydrogen scale. The pH of the NIST buffer on
this scale (pHfree 3.91) was calculated based on converting the buffer
pHNBS/NIST value based on hydrogen ion activity to hydrogen ion con-
centration using Eq. (3) [16]:
= − = ++ +pH log H pH logγ[ ]free NBS NIST H/ (3)
Where +γH is the activity coefficient for the hydrogen ion calculated
using the Davies equation.
2.4. Preparation of soil extracts and spectrophotometric pH measurement
Soil extracts (three replicates) were prepared by shaking 25 g soil
(wet weight) with 25mL water on an orbital shaker for 1 h [37] and
then centrifuging at 1915.2 RCF (Relative Centrifugal Force) for
30min. The supernatant was transferred to a clean polyethylene tube
and brought to 25 °C using a water bath [16]. Aliquots (5–10mL) of soil
extracts were then set aside and acidified by adding concentrated HNO3
to achieve a concentration of 2% v/v, and then analysed for metal
content using ICP-OES. The pH was also measured using a calibrated
glass electrode (Orion Sure Flow™) for soil extracts that were acidic (in
the pH range of BCG dye, 3−5.3) to enable comparison with spectro-
photometric pH values.
Other indicators, specifically phenol red (PR) and bromocresol
purple (BCP), were used to obtain spectrophotometric pH values at the
start and early stage of the soil incubation [16]. The pKa and molar
absorptivity values used for PR and BCG were those provided by Yao
and Byrne [13] and are also provided in the Supplementary material
Table 2.
Three indicator stock solutions (PR, BCP and BCG at the con-
centration of 2× 10−3 mol L−1 were made and adjusted to pH≈ 7.5
and 5.9 and 4.5, respectively) using 0.1mol L−1 HCl or NaOH.
Indicator concentration in analysed soil extracts ranged from 2×10−5
mol L−1 to 6× 10−5 mol L−1 based upon sequential addition of three
0.03mL aliquots of indicator stock solution (i.e. total addition of 0.03,
0.06, 0.09mL) into 4mL soil extract in a 1 cm glass cuvette (Bargrizan
et al., 2017). The soil solutions before adding the dye had some colour
and absorbance, especially towards the UV range. We measured the
reference spectra of each soil extract and this was subtracted from the
measurement spectra with the dye added.
During the pH measurement, the temperature of soil solutions was
kept constant at 25 °C using a water thermostat installed on the spec-
trophotometer. The ratio of maximum absorbance of base to acid forms
of the indicator (R) was measured as described above. The pH pertur-
bation caused by indicator addition was corrected for each sample by
plotting R vs dye volume, and obtaining R at zero dye volume by linear
regression [16,17]. The ionic strength of the soil solution (µ) required
to correct activity coefficients as per Eq. (1) was estimated by mea-
suring electrical conductivity (EC) in a 1:1 soil:water extract (giving
values of 17.5 and 6.5 mS cm−1 for GI and WL soils, respectively) and
calculating using Eq. (4) [38,39]:
= ×−µ EC(mS cm ) 0.01271 (4)
Ionic strength of the soil solution could also be calculated following
measurement of the major ion composition of the soil solution and
using = ∑μ c Z wherei i
1
2
2 c is the concentration of ion i in mol L−1
and z is the charge of ion i. However, the pHspec difference is no higher
than 0.001 pH units when there is a 10% error between ionic strengths




3. Results and discussion
3.1. Dye properties
The BCG molar absorptivity ratios (e1-e3) and dissociation constant
(pKa) at 25 °C are presented in Table 1. The average results for e1, e2
and e3 ( ± standard deviation, n= 7) were 0.009, 2.359 and 0.177,
respectively. In comparison, results reported for BCG molar absorptivity
ratios in seawater were e1 = 0.0013, e2 = 2.314 and e3 = 0.129 [21].
An average pKa of 5.02 ± 0.007 (standard deviation, n=7) for BCG
(µ=0, 25 °C) was obtained based on measurement in the NIST
phthalate buffer and correction to the free hydrogen ion concentration
scale (Table 1). This was 0.12 higher than the pKa for BCG reported by
Bishop ([40], pKa = 4.90). This difference could be due to dye im-
purities which can influence the measured ei and consequently pKa
[19]. The BCG dye source and method of pKa determination is not re-
ported by Bishop [40].
The pKa of BCG in seawater (µ≈ 0.7) is approximately 4.42, as
reported by Byrne et al. [20], King and Kester [22] and Breland and
Byrne [21]. The difference of approximately 0.6 pKa units between our
pKa for BCG at zero ionic strength and pKa for BCG in seawater, is
comparable to the difference reported for other indicator dyes, m-cresol
purple and thymol blue [18,41]. The measurement of molar absorp-
tivity ratios and pKa for BCG in our study provides the ability to mea-
sure pH spectrophotometrically in acidic soils and solutions at lower
ionic strengths (µ < 0.5) via Eq. (1).
3.2. Soil acidification and spectrophotomteric pH measurement method
To demonstrate the application of the spectrophotometric method
using BCG under acidic conditions, the spectrophotometric pH values
during a 12-week oxic incubation of two hypersulfidic soils (GI and WL)
are shown in Fig. 2A and B, respectively. After 5 and 3 weeks of in-
cubation, respectively, the pH for GI and WL reached ≤ 4 (i.e. soil
qualified for classification as a sulfuric soil in accordance with the
Australian Acid Sulfate Soil Identification key [35].
The pH of GI and WL hypersulfidic soils continued to decrease by
≤ 0.6 and ≤ 0.2 pH units, respectively, until a stable acidic pH was
reached, suggesting oxidation of pyrite had ended.
There was a strong correlation (r2> 0.99) between the spectro-
photometric and glass electrode methods for both soils (see Fig. 2C and
D).
3.3. Relationship between spectrophotometric pH and metal availability in
soil
Metal (Al, Fe and Zn) concentrations in the soil pore water over time
for the two sites are shown in Fig. 3. The concentration of all metals (Fe,

















Fig. 1. Absorbance Vs wavelength for the base (I2-) and acid (HI-) forms of
bromocresol Green (BCG).
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weeks and remained elevated until the end of incubation. For the WL
soil, the Fe concentration increased after 3 weeks and then stabilized at
a high concentration until the end of the experiment, while for Al and
Zn, two increases in concentration can be observed in weeks 5 and 12.
Overall, the relative concentration of metals towards the end of the
incubation was Fe > Al > Zn for both soils.
When metal concentrations are plotted versus pH (Fig. 4), the re-
sults highlight how soil acidification released metals once pH has de-
creased below approximately 5. The large pH decrease and Fe release is
due to pyrite oxidation during the incubation of the hypersulfidic soils.
The acidification results in the release of Al, Fe and Zn due to dis-
solution of Al and Fe oxides and clay minerals [30]. This is consistent
with the findings of Mosley et al. [30] in sulfuric soils at pH < 4. In the
WL soil, during acidification, a lower concentration of Al is observed at
low pH compared with the GI soil, which could potentially be related to
the difference in clay content and the amount of Al found between these
two soils. According to the geochemical model of Shaw et al. [42], in
the WL soil, most of the Al is likely to be isolated within the clay par-
ticles and released slowly through aluminosilicate dissolution as pH
decreases.
A question with spectrophotometric pH measurements under acidic
conditions is whether metal ions released from soil could react with the
dye, potentially changing its acid-base properties. Fig. 5 shows the pH
difference of electrode and spectrophotometric measurements under
acidic conditions versus spectrophotometric pH measurements (approx.
0.01–0.2 pH units) with BCG ( ± 0.2 and 0.1, similar average standard
deviation of triplicate measurements between two methods for GR and
WL respectively). There was a greater difference between spectro-
photometric pH and glass electrode measurements below pH 3 for GI
soil (excluded from plot but see Fig. 2A), this may be due to exceedance
of the working range of BCG. The spectrophotometric method produces
values slightly lower than those measured with the glass electrode, a
similar finding to Bargrizan et al. [16] at more neutral soil pH. How-
ever, in general there was a very good correlation (r2> 0.99) between
the two measurement methods (Fig. 2), despite mg L−1 dissolved metal
concentrations. This suggests that, at least for the dye and metal con-
centrations used in our study, interactions between the dye and metals
do not appear to significantly affect pH determination using indicator
dyes in acidic conditions.
4. Conclusion
The measurement of the properties of the bromocresol green in-


































































Fig. 2. Spectrophotometric (pHsoec) and glass electrode (pHelec) pH values and correlation between pHspec and pHelec during incubation of two soil samples (A-C) GI,
(B-D) WL for 12 weeks. Spectrophotometric pH in the incubation was measured between pH≈ 3− 5.3 with BCG, and with dyes PR and BCP for the pH ranges
6.8− 8.3 and 5.3− 6.8, respectively. Error bars representing the standard deviation for triplicate samples, where not visible, are smaller than the symbols. On (C)










































































































Fig. 3. Dissolved metal concentration (Fe, Al and Zn) over 12 weeks soil incubation for two soil samples (A) GI and (B) WL.
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between pH 3− 5.3 at ionic strengths< 0.5 (soil EC1:1< approx.
20 mS cm−1). This extends the capability of the spectrophotometric soil
pH method to measure lower pH conditions, such as that found in
acidified agricultural land and acid sulfate soils. The application of the
spectrophotometric method for measuring soil pH in the acidic range
was demonstrated during a 12-week incubation of two hypersulfidic
soils (pH > 4), which transformed to sulfuric soils (pH < 4). As the
indicator dye spectra are, unlike glass electrodes, directly related to the
acid-base equilibria in solution, spectrophotometric measurements
could potentially reduce pH measurement errors in soils. This includes
the elimination of liquid junction errors which, given they can be on the
order of +/−0.1 pH units, could affect metal speciation calculations.
Further research using the spectrophotometric pH measurement
method in a wider range of soils to assess whether it can be used to
better understand geochemical processes (e.g. predict metal avail-
ability) in soils is recommended. The accuracy of the spectro-
photometric method could be further assessed by concurrent mea-
surement of two other carbonate system parameters (e.g. pCO2 and
dissolved inorganic carbon) and calculating pH for comparison to
measured spectrophotometric and electrode pH. The advantage of the
spectrophotometric method using indicator dyes is that it can poten-
tially be used to study pH in two dimensions [43], which is critically
important for better assessment of geochemical and plant-metal inter-
actions in acidic soil.
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Fig. 5. pH difference between the glass electrode (elec) and spectrophotometric
(spec) methods versus spectrophotometric pH values in the extremely acidic
range (pH 3−4.5) for GI and WL soil samples during 12 weeks incubation. pH
values< 3 were excluded due to their exceedance of the working range of BCG.
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Appendix 1. Acid Sulfate Soil Classification Description 
  A soil that classifies as a ‘hypersulfidic soil’ requires hypersulfidic material (i.e. decrease in pH to pH 
4 or less after incubation for at least 16 weeks) to be identified in a layer or horizon, which is at least 
10 cm thick within 150 cm of the soil surface [1,2]. 
  A soil profile that classifies as a ‘hyposulfidic soil’ requires hyposulfidic material (i.e. decrease in pH 
to > pH 4 after incubation for at least 16 weeks) to be identified in a layer or horizon, which is at least 
10 cm thick within 150 cm of the soil surface.  A soil that classifies as a ‘sulfuric soil’ requires sulfuric 
material (i.e. pH < 4 at time zero incubation) to be identified in a layer or horizon, which is at least 10 
cm thick within 150 cm of the soil surface.  For example, after drainage of water saturated (anaerobic) 
acid sulfate soils with hypersulfidic material for agricultural purposes or during drought periods, 
oxidation of pyrite causes strong acidification with the formation of sulfuric material (pH < 4).  All soils 
were classified in accordance with the Australian Soil classification (Isbell and National Committee on 
Soils and Terrain [3]), Soil Taxonomy [4] and the Australian Acid Sulfate Soil Identification key [1]. 
  The Australian Acid sulfate soil identification key is designed for people who are not experts in soil 
classification systems, assisting them to easily identify five acid sulfate soil types (subaqueous, organic, 
cracking clay, sulfuric and hypersulfidic soils) and 18 sub-types based on the occurrence of sulfuric, 
hypersulfidic, hyposulfidic, or monosulfidic material, and clayey or sandy layers [2]. 
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Table 1.  pH values of the acid sulfate soil sites on Garden Island and at Wally’s Landing during time course of 
an oxic incubation, Acid sulfate soil material classification, Soil Taxonomy, ASS subtype 
classification. Samples were collected in November 2015, additional oxidised samples collected 
during the extreme drought period in 2011 are also shown for Wally’s Landing. 
  
   
Depth (cm)  1Material pHH2O (1:1 soil:solution, oxic conditions) 
20115                                           2015  
    day 0 8 weeks 16 weeks 24 weeks 
Garden Island: 2Histic-Hypersulfidic, Intertidal Hydrosol, 3Typic Sulfisaprist, 4Hypersulfidic organic soil 
0-5  Hyposulfidic  7.5 7.04 7.15 7.20 
5-30  Hyposulfidic   7.0 7.13 7.12 7.11 
30-60  Hyposulfidic  6.9 6.81 6.82 6.82 
60-80  Hypersulfidic  6.8 3.58 1.76 1.56 
80-100  Hypersulfidic  6.8 3.64 1.87 1.50 
100-120  Hypersulfidic  6.8 3.48 2.30 1.96 
120-135  Hypersulfidic  6.6 3.28 2.10 1.85 
Wally’s Landing:  2Hypersulfidic, Subaqueous Hydrosol, 3Typic Sulfiwassent;  4Hypersulfidic subaqueous soil, 
0-10  Hyposulfidic 4.35 7.1 5.2 4.2 3.9 
10-25  Hyposulfidic 4.35 6.8 5.0 4.6 4.1 
25-55  Hyposulfidic 3.55 6.8 6.0 4.6 4.4 
55-80  Hyposulfidic 3.65 6.9 5.5 4.4 4.3 
80-130  Hypersulfidic n.d. 7.7 3.6 2.4 2.0 
130-180  Hypersulfidic n.d. 8.4 2.6 1.9 1.7 
 
1Where acid sulfate soil material is based on the definition in the 2nd edition of the Australian Soil Classification (Isbell and 
National Committee on Soils and Terrain [3]) 
2Australian Soil Classification (Isbell and National Committee on Soils and Terrain [3]). 
3Soil Taxonomy (Soil Survey Staff [4]).  
4Acid Sulfate Soil classification (Soil identification key) used in Australia [1,2].*Where the soil classification is a Hypersulfidic 
soil, hypersulfidic material (pH decreased to < 4 after incubation of at least 16 weeks) has been identified in a layer or 
horizon (at least 10cm thick) within 150 cm of the soil surface.  Where the soil classification is a Sulfuric soil, Sulfuric 
material (pH < 4 at time zero incubation) has been identified in a layer or horizon (at least 15cm thick) within 150 cm of the 
soil surface. 
5The soil material is derived from sediments of the Finniss River catchment and described as a “sulfuric subaqueous clay soil” 
[5-7].The Millennium drought conditions across SE Australia between 2007 and early 2010 [8] caused drying of the river 
and subsequent acidification (pH < 4) of hypersulfidic material in the river sediment. After river levels returned to normal 
in 2011 [5], the site is permanently flooded and the pH values have slowly recovered to neutral pH values after five years as 
shown when pH was measured in 2015. Soil samples were taken at a depth of approximately 1m below the water surface by 
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Appendix 2. Theory and derivation of equations that underpin the spectrophotometric 
pH measurement method  
Sulfonephthalein indicator dyes can exist in three forms H2I, HI
-, and I2-, each of which has 
distinctive light absorption characteristics. The chemical equilibria among these three forms is 
dependent on pH and can be described by the first and second dissociation constants of the 
fully protonated (H2I) dye species: 
H2I ⇌ HI
− + H+      K1 = [HI-] [H+] / [H2I]                                                                          [1a]              
         
HI− ⇌ I2− + H+        K2 = [I-2] [H+] / [HI-]                                                                            [1b]                                                                                       
                                                                                                                                                                 
    
The total indicator concentration (IT = H2I + HI
- + I2-) can be expressed in terms of [HI], K1, 
K2, and proton concentration by:   
IT = [HI
-] ([H+]/K1 + 1 + K2 / [H
+])                                                                                         [2]      
                                                                                             
                                                        
Using the Beer-Lambert law as the basis, the absorbance of an indicator dye in solution can 
be expressed by: 
λA = (λH2I [H2I] + λHI [HI
-] + λI [I
2-] ) l                                                                                [3]    
               
                                                                          
where A is the absorbance at wavelength , λx is the molar absorptivity of each individual 
dye species (x = I2- or HI- or H2I), and l is the optical (spectrophotometer cell) path length. As 
per equation (2), equation (3) can be expressed in terms of the species HI by: 
 λA / l = [HI
-] (λH2I [H
+]/K1 +  λHI +  λI K2 /[H
+])                                                             [4]                             
                                                        





+]/K1 λ  + 𝜀𝐻𝐼 + 𝜀𝐼 K2/[H
+] λ  λ
[H+]/𝐾1 + 1 + 𝐾2/[H+]
                                                                                     
[5]       
                                                           
Except at low pH the H2I concentration is insignificant, hence ignoring the first dissociation 





𝜀𝐻𝐼 + 𝜀𝐼 K2/[H
+] λλ
1+ 𝐾2/[H+]
                                                                                                                        
[6]                                                                                                                
Using equation (6) and specifying R as the ratio of indicator absorbances at λ2 and λ1 (i.e. R 
= 2A/1A) we can derive:  
R = 
𝜀𝐻𝐼 + 𝜀𝐼 K2/[H
+] 22
𝜀𝐻𝐼 + 𝜀𝐼 K2/[H+] 11
                                                                                                 [7]
                                                          
 
Dividing each term in the numerator and denominator by 1HI, 
R = 
𝜀𝐻𝐼/ 𝜀𝐻𝐼1 + 𝜀𝐼 K2/ 𝜀𝐻𝐼1 [H
+] 22
𝜀𝐻𝐼/ 𝜀𝐻𝐼1 + 𝜀𝐼 K2/ 𝜀𝐻𝐼1 [H
+] 11




                                                                       [8a]  
                                     
 
Where e1 = 2εHI/1εHI, e2 = 2εI/1εHI, e3 = 1εI/1εHI, and then multiplying each term in the 





                                                                                                                        [8b]      
                                                                        
clearing the fraction, 
R[H+] +  R𝑒3K2  =  𝑒1[H
+]  +  𝑒2K2                                                                                            [8c]  
      
rearranging the e1[H
+] and Re3K2 terms,   
𝑒2K2  −  R𝑒3K2  =  R[H
+] − 𝑒1[H
+]                                                                                             [8d]         
 
factoring both sides of the equation, 
K2(𝑒2  − R𝑒3)  =  [H
+](R − 𝑒1)                                                                                                   [8e]       








                                                                                                                              [8f]        
                                                     
and taking logs, 
log K2 − log [H
+]   = log
(R−𝑒1)
(𝑒2−𝑅𝑒3)
                                                                                                [8g]   
        
leads to the final equation for pH as a function of the 2nd dissociation constant (pK2 = -logK2) 
of an indicator dye, the ratio of the absorbance of base and acid forms of the dye in solution 
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(R, measured at the wavelength of maximum absorbance for each form), and the molar 
absorptivity ratios (e1-e3) for the dye as defined above: 
pH =  −log [H+] = pK2 + log
(R−𝑒1)
(𝑒2−𝑅𝑒3)
                                                                                         [9]       
                                                                         
Which is equivalent to the well known Henderson–Hasselbalch equation: 
pH =  −log [H+] = pK2 + log
[I2−]
[HI−]
                                                                                               [10]        
         
                                             
Equations (9) and (10) are only valid for ideal solutions when the dye and background 
electrolyte concentration approaches infinite dilution. For non-ideal solutions (i.e. as in natural 
water and soil solutions) such equations must be modified to account for the effect of ionic 
strength on ion activity. Ion activity (ai) is related to concentration by: 
ai = ci i                                                                                                                                  [11]                                                                                                         
                                                                                                                        
Where ci is the molar concentration of the solution species i and i is the activity coefficient 
for this species. Individual ion activity coefficients () can be estimated using the Davies 
equation:1 
log 𝛾 = − 𝐴𝑧2 (
𝜇1/2
1+ 𝜇1/2
− 0.3𝜇)                                                                                                                [12]      
      
                                                                                                                 
Where A is the ion size parameter1, z is the charge on the ion, and µ is ionic strength. The 
Davies equation is considered reliable at ionic strengths <0.5 M [36].  
Therefore for the application of this equation to the 2nd dissociation constant of a 
sulfonephthalein indicator dye, the individual ion activity coefficient terms (I2-, H+, HI-) are 
included for the dye dissociation: 
pH = -log [H+] H+ = pK2 + log [I
2-] I2- / [HI
-] HI-                                                                                              [13a]                 
                                                                                                                                       
pH = pK2 + log [I
2-]/[HI-] + log (I2- H+ / HI- )                                                                                                      [13b]     
                                                                                                                
1A=0.5092 + (T – 298.15) * 8.5 *10-4        where T is temperature in Kelvin. 
59
                                                                           
While each individual ion activity coefficient could be calculated separately using the Davies 
equation (12), the charge (z2) terms for calculation of the individual ion activity coefficients of 
the dye can be combined (as other parameters in the Davies equation are constant for a given 






2 =  
22× 12
12
= 4                                                                                                                [14]   
            
                                                                                  
By combining equation (9) with the Davies equation (12) to account for how the I2-, HI-, and 
H+ activity coefficients change with ionic strength, and using z2 =4 in the Davies equation, pH 
can now be calculated for a solution with indicator dye added via: 










Table 2. PR and BCP (e1-e3) and pKa values at zero ionic strength and 25°C.  
Indicator Wavelength range (λ1- λ2) e1 e2 e3 pKa 
PR 433-558 0.00244 2.734 0.1075 8.03 
BCP 432-589 0.00387 2.858 0.0181 6.49 
 
From Yao and Byrne (2001), Spectrophotometric determination of freshwater pH using bromocresol purple and 
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Summary
This paper describes the development of a spectrophotometric method with an expanded pH range of 3–9 that
uses a mixed indicator solution (equimolar bromophenol blue, bromocresol purple, m-cresol purple and thymol
blue). The method uses measurements of absorbance of the dye mixture at two wavelengths (434 and 585 nm),
chosen to represent the average acid and base peak maxima of the individual dyes within the mixture. The
ratio of absorbance at these two wavelengths was used to calculate pH based on measured dye properties (pKa,
molar absorptivity) and fundamental equations derived from Beer’s law. The mixed dye spectrophotometric pH
measurement was tested using certified pH buffers (pH (NBS/NIST) 4.00, 6.86, 9.18) and was found to be accurate to
within ± 0–0.06 pH units. Measurements made with the mixed dye showed good correlation against conventional
soil pH measurement using a glass electrode (r = 0.99), and also an alkalinity titration (r = 0.99) through the pH
range 3–9. The average standard deviation was 0.07 for spectrophotometric soil pH measurement (n= 30) using
the dye mixture. The mixed dye technique expands the working range of spectrophotometric pH measurement
methods in soils and other applications.
Highlights
• We developed a novel spectrophotometric method for measuring soil pH using a mixed indicator dye.
• The method greatly extends the working soil pH range of previous single indicator dye approaches.
• The results were well correlated with glass electrode measurements between pH 3 and 9.
• The method provides new opportunities to study soil chemical processes affected by pH.
Introduction
Soil pH is a master variable for chemical and biological processes
such as equilibria among inorganic carbon species (Suarez, 1977),
metal solubility, nutrient availability and microorganism activity
(Miller & Kissel, 2010; Essington, 2015). A relatively minor change
in pH (± 0.1 units) can induce significant changes in the availability
of chemical species (e.g. metals, nutrients and carbonates) in soil
(Lindsay, 1979).
Conventional soil pH measurement with a glass electrode
(Heintze, 1934; Rayment & Lyons, 2011) suffers from several
inherent deficiencies. Unpredictability in liquid junction poten-
tial (Millero, 1986) has been shown to cause an error of 0.03
pH units across a 10-unit alteration in salinity (Easley & Byrne,
2012). Other problems include considerable drift, especially in
low ionic strength solutions (Yuan & DeGrandpre, 2008), and the
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requirement that electrode calibration procedures match the ionic
strength of samples (Wiesner et al., 2006; Miller & Kissel, 2010).
Spectrophotometric pH measurement involving addition of a sin-
gle indicator dye is used widely in marine chemistry because of
its reliability and high precision (Clayton & Byrne, 1993; Yao &
Byrne, 2001; Mosley et al., 2004; Lai et al., 2016). Spectrophoto-
metric methods avoid the problems associated with potentiometric
pH measurement using a glass electrode (Yao & Byrne, 2001).
Spectrophotometric measurement has recently been adapted to
determine soil pH, where it achieved a similar precision (0.02–0.08
pH unit) to conventional potentiometric techniques (Bargrizan
et al., 2017). However, the phenol red (pKa= 8.03) and bromocre-
sol purple (pKa= 6.49) dyes used in that study, like other sulfoneph-
thalein dyes, are useful only in a narrow pH range of approximately
± 1 pH unit from the pKa of the individual dye (King & Kester,
1990; Yao & Byrne, 2001). A narrow working range has not been
a major issue for spectrophotometric pH measurement in seawater
(which has a relatively small pH range), but it causes problems for
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spectrophotometric pH measurement in soils, which have a much
wider variation in pH (Miller & Kissel, 2010), even within a single
soil profile (pH range of 3–7) (Mosley et al., 2017). Thus, con-
ventional spectrophotometric measurement of soil pH with a single
indicator dye would require prior knowledge of the likely pH or
pretesting with different dyes.
There has been some previous research using multiple dye
mixtures for pH measurement. King & Kester (1989) carried out
spectrophotometric measurement of seawater pH and alkalinity
titration using a mixture of two indicators, namely phenol red
and bromocresol green (pKa= 7.492 and 4.410, respectively, in
seawater). Their approach was limited by the fact that only low and
high pH (end points) could be measured precisely within the range
of 3–8.2 because the pKa values of these two dyes are separated
by more than 2 pH units. Lin & Liu (2000) and Raghuraman
et al. (2006) tested multiple (three to four) dye mixtures where the
individual pKa values of the dyes were approximately 2 pH units
apart (i.e. chosen so that when the working range of one dye ends,
the working range of another begins).
Raghuraman et al. (2006) formulated a theoretical basis for pH
determination based on the ratio of absorbances of the mixed dye’s
acid and base peaks, measured at common wavelengths. However,
the individual dyes chosen in their study had acid and base peak
absorbance maxima at quite different wavelengths, which makes
it difficult to find a suitable common wavelength. Moreover, their
method did not appear to be validated against certified pH buffer
solutions, tested against glass electrode pH measurement methods
or optimized for soil solutions.
A multiple dye technique had also been developed for colorimet-
ric pH measurement in soils (Raupach & Tucker, 1959). Although
this method is still used for non-research applications (e.g. garden
soil test kits), its accuracy is quite poor (± 0.5 pH units) because
pH has to be estimated visually by comparing the colour of soil
treated with dye against a standard colour chart that has a resolu-
tion of only 0.5 pH units (Rayment & Lyons, 2011). In general, it is
difficult to formulate a combination of sulfonephthalein dyes for
colorimetric measurement because colour intensity changes with
pH can be quite difficult to detect (Netto et al., 1995). The advan-
tage of the spectrophotometric method is that subtle changes in light
absorbance spectra can be readily resolved and accurately related
to the solution pH. A potential advantage of the spectrophotomet-
ric pH method using indicator dyes in soil is that it could be used
to study pH in several dimensions, which is critically important
for better assessment of geochemical reactions and plant–solute
(e.g. nutrients, metals) interactions in soil. For example, Bloss-
field & Gansert (2007) demonstrated the use of high-resolution
optical scanning methods to quantify in situ pH around the rhi-
zosphere, which showed considerable complexity and provided
more information than typical bulk soil measurements. Hyperspec-
tral cameras and scanners potentially allow the full spectra to be
measured, and therefore spectrophotometric pH in many spatial
dimensions.
The aim of this study was to develop a spectrophotometric
method, involving the addition of a multiple indicator dye solution,
to enable measurement across the typical range of soil pH values
(between 3 and 9). The accuracy of the method was tested against
standard buffer solutions and the results were compared with




The pH can be calculated by spectrophotometric measurement
using a single sulfonephthalein indicator dye as follows (Yao &
Byrne, 2001; Bargrizan et al., 2017):






















where pKa is the second acid dissociation constant of the dye
(at zero ionic strength), the second term in the equation is
obtained by substitution for the ratio of the unprotonated base form
(I2−) to the protonated acid (HI−) forms of the indicator in the
Henderson–Hasselbalch (H–H) equation:
(






and R is defined as the ratio of the absorbance of the base to
acid forms of indicator measured at the wavelengths of maximum
absorption (𝜆2 and 𝜆1, respectively), e1 –e3 are molar absorbance
ratios (obtained by measuring molar absorption coefficients (𝜀)
when only base and acid forms of dye are present at pH values much
greater and less than the dye pKa, respectively), and the last term in
Equation (1) is the Davies equation expression to calculate the mean
activity coefficient for the dye where A is the ion size parameter
(0.5092 at 25∘C) and 𝜇 is ionic strength (note this equation is only
appropriate for 𝜇 < 0.5 m activity corrections (Stumm & Morgan,
1996)).
Similarly, for a mixture of two or more sulfonephthalein dyes,
pH can be calculated using knowledge of the properties of the
individual dyes in the mixture and measurement of their absorption
spectra (Raghuraman et al., 2006). Starting with a mixture of two
dyes, each containing separate acid (A1 and A2) and base (B1 and
B2) species, respectively, an expression for cumulative absorbance
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where based on Beer’s law, absorbance is proportional to the
concentration (denoted by [ ]) of the absorbing dye species (Ai or
Bi), the molar absorptivity coefficients (𝜀𝜆i) at wavelengths 𝜆i for
Ai and Bi, and the spectrophotometric cell pathlength (l). A ratio
(Rmulti) of the cumulative absorbance of the base and acid species in





































Equation (4) can be rewritten following substitution of
10−(pH−pK′ai) for [Ai][Bi] (see H–H equation above) and extended









































and f i is the mole fraction of dye i determined by dividing each dye
concentration (in mol l−1) by the total concentration of mixed dye
and pK’a is the dissociation constant of the dye at the specific ionic
strength of the sample solution, which is calculated by the Davies
equation (as outlined above):











For a full derivation of these equations, see the Supporting
Information.
Experimental
Selection of dye mixture
The above theory relies on selecting a dye mixture that covers
the pH range of interest and measurement at two wavelengths
(𝜆1 and 𝜆2) chosen to represent the absorbance of the acid and
base species of all the indicator dyes in the mixture. Full spectral
modelling of the multiple dye mixture could potentially enable a
wider range of dyes to be assessed (Ohline et al., 2007) because
it would not rely on just the assessment at two wavelengths.
However, this is likely to be more complex in terms of spectral
analysis and might not be possible as many of the dyes have very
similar absorption spectra (which makes separation of individual
contributions difficult).
It is required that (i) the pKa of the individual dyes in the mixture
are collectively able to cover the entire desired range of pH by being
within approximately 2 units of each other (the individual dyes
have a limited working pH range as discussed above) and (ii) the
individual dyes have similar wavelengths of maximum acid and
base peak absorbance to maximize sensitivity at the wavelengths
chosen for measurement (𝜆1 and 𝜆2).
Different sulfonephthalein dyes have different absorbance spec-
tra; Figure 1 shows spectra of six common indicator dyes: phenol
red (PR), bromocresol purple (BCP), bromophenol blue (BPB),
m-Cresol purple (mCP), bromocresol green (BCG) and thymol blue
(TB). The acid peak wavelength is similar for all the dyes, but the
base peak wavelengths for phenol red and bromocresol green are
to the right and left, respectively, of the base peak wavelengths
of the other four dyes. Therefore, in this study an indicator dye
mixture comprising BPB, BCP, mCP and TB was chosen for test-
ing because it fulfilled both requirements (i) and (ii) above. The
vertical dashed lines in Figure 1(a,b) show the common wave-
lengths (𝜆1 = 434 nm, 𝜆2 = 585 nm) that were chosen to represent
the respective average acid and base peak maxima of the four-dye
mixture. There are other dyes within the pH range of interest, such
as cresol red (7–8.8), bromophenol red (5.2–6.8) and chlorophenol
red (4.8–6.4), that could potentially be used in a mixture, taking into
consideration the selection criteria above. Fewer dyes in the mixture
could also be considered if the soils of interest covered a narrow
soil pH range.
Molar absorption and pKa determination
It is important to note that because the chosen wavelengths
(𝜆1 = 434 nm, 𝜆2 = 585 nm) did not correspond precisely with the
peak maxima for each individual dye (Figure 1), the molar absorp-
tivity (𝜀) had to be determined at these wavelengths. Previous lit-
erature values of 𝜀 for these dyes have typically been measured
at the maximum peak absorbance, which is appropriate for indi-
vidual dye measurement. Therefore, the molar absorptivities (𝜀𝜆i)
of the above dyes were measured at extreme pH values where
either acid or base from of each dye was present (Clayton &
Byrne, 1993) by adjusting a diluted stock solution of the dye
using 1 mol l−1 HCl and 0.1 mol l−1 NaOH, respectively. The mea-
sured absorbance, known concentration of the diluted stock solu-
tion and cell pathlength (1 cm) were used to calculate 𝜀𝜆i with
Beer’s law.
The pKa value of BCP has been measured accurately for spec-
trophotometric pH measurement by Yao & Byrne (2001). The pKa
values of BPB, mCP and TB have received less attention and so they
were determined at 25∘C by the addition of a single indicator dye
to certified pH buffer solutions (i.e. pHNBS/NIST 4.00 phthalate buffer
(0.05 mol kg−1), pHNBS/NIST 6.86 phosphate buffer (0.025 mol kg
−1)
and pHNBS/NIST 9.18 disodium tetraborate buffer (0.01 mol l
−1)).
The standard reference materials used to prepare the phthalate and
phosphate buffers were NIST 185i and 186g, respectively (they
refer to certification documentation on the NIST website for buffer
preparation), and Certipur® (traceable to NIST) was used for the
disodium tetraborate buffer. To enable comparison with the pH
defined in the spectrophotometric method based on hydrogen ion
concentration (free hydrogen ion scale, pHfree, Equation (1)), cor-
rection of pH (based on the hydrogen ion activity scale, pHNBS/NIST)
© 2018 British Society of Soil Science, European Journal of Soil Science66
4 S. Bargrizan et al.
Figure 1 Comparison of (a) acid and
(b) base spectra of different dyes
(BPB, bromophenol blue; BCG, bromocresol
green; BCP, bromocresol purple; PR, phenol
red; mCP, m-cresol purple; TB, thymol blue).
The vertical dashed lines are the chosen
wavelengths where the multiple dye mixture




of these buffers was carried out using Equation (8) (Bargrizan
et al., 2017):




= pHNBS∕NIST + log 𝛾H+, (8)
where 𝛾 is the activity coefficient calculated with the Davies
equation. This gave pH values of 3.91, 6.77 and 9.11 for the three
buffers. With R at the peak maxima for three dye additions (0.01,
0.02, 0.03 ml) and corrected by linear interpolation to zero ionic
strength to remove the small perturbations in dye pH (see Bargrizan
et al., 2017), Equation (1) and the Davies equation ionic strength
correction for the dye (Yao & Byrne, 2001), the pKa of each
indicator was then calculated. All glass electrode pH measurements
(pHelec) expressed later were also corrected to the free hydrogen ion
scale. The certified pH buffers with known pH (4.00, 6.86, 9.18)
were also used to test the accuracy of the mixed dye solution.
Spectrophotometric and glass electrode pH measurements
For multiple dye mixture measurements using the spectrophoto-
metric method, a stock solution containing bromocresol purple
(BCP), bromophenol blue (BPB), m-cresol purple (mCP) and
thymol blue (TB) was prepared at a total dye concentration of
8× 10−3 mol l−1 using equal mole fractions (f = 0.25) and adjusted
to pH≈ 7 using 0.1 mol l−1 NaOH. During sample measurement,
the mixed dye stock solution concentration was 2× 10−5 mol l−1
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Figure 2 Theoretical curve to estimate pHspec from the measured ratio
(Rmulti) of the mixed indicator dye base and acid species absorbances at the
chosen wavelengths (𝜆1 = 434 nm, 𝜆2 = 585 nm) at 𝜇= 0.1 m for standard
phosphate buffer.
to 6× 10−5 mol l−1 depending on the volume (0.01, 0.02, 0.03 ml
sequential additions) of dye added into 4 ml of sample in a 1-cm
glass cuvette. The reason for sequential addition of the dye is to
account for the effect of any indicator-induced pH perturbation
(Clayton & Byrne, 1993). Full details of the spectrophotometric
procedure for soil pH measurement can be found in Bargrizan et al.
(2017).
The maximum acid and base absorbances were at 434 and 585 nm
on a dual-beam spectrophotometer (GBC UV/VIS 916, Melbourne,
Australia) connected to Cintral™ software. With Equation (5), a
theoretical relation for the dye mixture Rmulti (measured at 434 and
585 nm) against pH was calculated from pH 3 to 9 (at 0.01 pH inter-
vals) and this relation is plotted in Figure 2. Because of the com-
plexity and difficulty of solving Equation (5) analytically, a look-up
table was created in Microsoft Excel™ to convert a measured Rmulti
value to its corresponding pH value to the nearest 0.01 pH unit
(Table S3, Supporting Information). The Rmulti value is unique both
to the dye mixture and the individual dye mole fractions compris-
ing the mixture. Further, the ionic strength of the sample solution
affects the relation between Rmulti and pH. This effect is corrected
implicitly by the Davies equation, which corrects pKa (at 𝜇= 0) to
pKa
′ at variable ionic strength. The potential effect of any weighing
errors on mole fractions of individual dyes used to calculate Rmulti
was assessed by changing mole fractions by a factor of 0.0025
(error of 1% on mole fraction of 0.25) and recalculating (Figure S3,
Supporting Information). There was a difference in the Rmulti cal-
culated for the equal mole fraction of the order ± 0.001 to 0.1 units
(Figure S4, Supporting Information). This difference increased as
R and pH increased, and also varied depending on which dye pair
the mole fraction was varied. This suggests care should be taken
in preparing mole fractions of dyes to minimize any weighing and
other errors in the preparation of the mixed dye solution.
The pH was measured simultaneously with a glass electrode
(Orion SureFlow model™, Waltham, MA, U.S.A.) connected to
a TPS™ model pH meter after calibrating with commercially
available buffers (𝜇≈ 0.1 mol l−1) at 25∘C. The pH electrode
(pHNBS/NIST) measurements were corrected to the pHfree scale using
Equation (8) above.
Alkalinity titration
To compare pH determined by the mixed dye method, pHspec, to
pHelec throughout the pH range of interest, an alkalinity titration
was performed. Mixed dye solution (250 μl) was added to 100 ml
of a Na2CO3 solution (400 mg l
−1 as CaCO3) and titrated using
1.600 N sulphuric acid. The volume of acid added by the digital
titrator (HACH™) was recorded throughout the titration. The pH
was measured using a glass electrode after every 20-μl incremental
addition of sulphuric acid. Simultaneously, 4 ml of this solution was
pipetted to the cuvette for spectrophotometric pH measurement and
then tipped back into the titration flask. The titration was continued
until pH< 3 was achieved.
Soil-solution preparation
To test the mixed dye method for use in soils, soil samples (n= 10)
within the range of pH 3–9 were analysed (Table S4, Supporting
Information). Three replicates of each soil extract (1:1 25 g soil to
25 ml water) were used for spectrophotometric and glass electrode
measurements of pH at 25∘C. Refer to Bargrizan et al. (2017) for
more details on soil extract preparation and measurement.
Results and discussion
Indicator properties and comparison of results with previous
studies
Table 1 and Table S1 (Supporting Information) summarize the
characteristics of the individual indicators that made up the mixed
dye. The pKa value obtained for mCP (8.64) was very similar to the
value of 8.63 reported by Mosley et al. (2004) and 8.66 by Lai et al.
(2016). The measured pKa values for TB and BPB determined in
our study were 9.22 and 4.34, respectively. Our value for TB was
slightly larger than those determined by Mosley et al. (2004, pKa
= 9.12) and Bishop (1972, pKa = 9.20). The pKa of BPB reported
by Shokrollahi & Zare (2016) was exactly the same as the value we




of acid / nm
Peak
absorbance
of base / nm pKa(𝜇= 0) pH range
BPB 436 592 4.34 3.0–4.6
BCP 432 589 6.49a 5.3–6.8
mCP 434 578 8.64 7.4–9.0
TB 435 596 9.22 8.0–9.6
aFrom Yao & Byrne (2001).
BPB, bromophenol blue; BCP, bromocresol purple; mCP, m-cresol purple;
TB, thymol blue.
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Table 2 Molar absorption coefficients (𝜀) at the chosen mixed indicator dye wavelengths (𝜆1 = 434 nm, 𝜆2 = 585 nm) at 25∘C
Indicator dye
BCP mCP BPB TB
Dye species Acid Base Acid Base Acid Base Acid Base
Extreme pH measured at pH = 3 pH = 10 pH = 4.5 pH = 11.5 pH = 2 pH = 8.5 pH = 3.5 pH = 12
𝜀 at 𝜆2 (585 nm) 135 64 893 215 33 721 741 68 277 233 33 875
𝜀 at 𝜆1 (434 nm) 23 014 1289 15 761 2103 23 496 885 14 957 1370
BCP, bromocresol purple; mCP, m-cresol purple; BPB, bromophenol blue; TB, thymol blue.
Figure 3 Difference between spectrophoto-
metric pH measurement using mixed dye
(pHspec) and certified pH values (pHfree) of cer-
tified standard buffer solutions.





















obtained. The pKa value obtained for BPB was about 0.24 pH units
higher than that provided by Bishop (1972). The reason for the
larger discrepancies observed between our pKa values and those of
Shokrollahi & Zare (2016) and Bishop (1972) for BPB is unclear;
however, it might relate in part to dye impurities (Liu et al., 2011).
Table 2 shows the molar absorptivity results for individual indi-
cators. These 𝜀 values, and the pKa values shown in Table 1, were
used in Equations (5) and (6) to calculate the value of Rmulti as a
function of pH.
Measurement on standard pH buffers
The accuracy of the pH values determined using the mixed indica-
tor dye approach was tested against certified reference phosphate
(pHfree = 6.77), phthalate (pHfree = 3.91) and disodium tetraborate
(pHfree = 9.11) buffer solutions. Figure 3 shows the deviation (resid-
ual) of pH measured spectrophotometrically using the mixed dye
(pHspec) from the certified pH values. The accuracy was ± 0–0.06
pH units using the mixed dye and there appears to be a slight (∼0.02
pH unit) positive bias to the residuals. Accuracy was less for the
pH 9.11 buffer than for the other buffers. The curve of Rmulti against
pH (Figure 2) suggests that the method is likely to be more sensitive
and accurate at pH> 5 (lower slope, so any error in determination
of Rmulti would lead to less error in pH). The pH range through
which the protonation of TB varies possibly also has less sensitivity
because the base peak is slightly more offset from the common mea-
surement wavelength than for the other dyes (Figure 1). Examina-
tion of the mixed dye spectra in the three buffers (Figure 4) indicates
low absorbance for the acid peak of the mixed dye in the disodium
tetraborate buffer. This is consistent with the range of the chosen
dye mixture being limited to pH< 9, as is explored further below in
the acid–base titration.
Acid–base titration with mixed indicator
Figure 5(a) shows the pH values for an alkalinity titration deter-
mined by spectrophotometric and glass electrode methods. A
strong correlation (r > 0.99, root mean square error (RMSE)= 0.13)
between pHelec and pHspec was observed throughout the pH range
3–9 (Figure 5b). The pHspec readings are on average lower by
0.08 pH units than pHelec throughout this range. For all pH val-
ues between 3 and 9, peaks from both acid and base species of
at least one component of the mixed dye were present (Figure 6).
There is weaker correlation outside this pH range (≤ 3 and≥ 9)
because all the individual dyes in the mixture were predominantly
either in their acid (pH< 3) or base form (pH> 9). This is consis-
tent with the findings of Raghuraman et al. (2006), who found that
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Figure 4 Absorbance plotted against wave-
length for the basic (I2−) and acidic (HI−) forms
of mixed dye in the certified reference buffer
solutions. The vertical dashed red line indicates
the selected wavelengths for measurement of
434 and 585 nm, respectively.





















accuracy was less at extreme pH values. The colour of the dye at
various points during the titration is shown in Table S2, Supporting
Information.
The accuracy of spectrophotometric soil pH measurements could
be assessed by comparing measured pH with pH calculated by
measuring or constraining two other carbonate system parameters
(e.g. alkalinity, pCO2, by equilibrating samples with fixed pCO2)
(Patsavas et al., 2015). This may give a clearer indication of mea-
surement accuracy and comparison of accuracy between pHspec and
pHelec.
Comparison of pH for soil extracts determined using
spectrophotometric and glass electrode methods
The pH of ten soils across a pH range of 3–9 was analysed
spectrophotometrically with the multiple indicator dye mixture
and compared with glass electrode measurements (Figure 7). In
general, the results obtained from both methods were strongly
comparable (r > 0.99, RMSE= 0.17) across this wide range of soil
pH. However, there was a difference between the two methods;
pHspec was + 0.12 units higher than pHelec on average (Figure S1,
Supporting Information).
These differences in average pH might relate to liquid junction
errors and calibration difficulties with electrodes across variable
ionic strengths (Miller & Kissel, 2010). The apparent differences
also increase near the pKa limits of the dye mixture (Figure S1,
Supporting Information), which might result from larger errors in
spectrophotometric measurements near the limits of the method.
This difference does not appear to relate to ionic strength because a
plot of residuals against 𝜇 showed no systematic pattern (Figure S2,
Supporting Information). Errors from the use of non-purified dyes
have been estimated to be typically of the order of 0.01–0.02 pH
units, which could account for some of the differences (Yao et al.,
2007; Liu et al., 2011). Large concentrations of dissolved organic
matter in the soil solution might also introduce errors of the order
of around 0.01–0.1 pH units (Muller et al., 2018).
The average standard deviations (precision) for the measurement
of pH of three replicates of each soil sample were 0.07 and 0.06 pH
units for the mixed dye spectrophotometric method and electrode
method, respectively. The precision was less than that of single
dye measurements in water, which might relate to (i) the greater
complexity and influence of the multiple dye mixture preparation
and (ii) the fact that the determination of soil pH requires more
preparation steps than determination of the pH of water (Bargrizan
et al., 2017). Soil samples are also more heterogeneous than water
samples and also potentially more influenced by CO2 produced by
microbial respiration of the samples (Zabowski & Sletten, 1991).
Overall, precision of the spectrophotometric method using the
mixed dye method is better than the precision of 0.1 pH units
suggested as satisfactory for soil pH measurement by Miller &
Kissel (2010) and Kalra (1995). The less stringent acceptable limits
for precision in the measurement of pH for soil than for water
reflects the fact that soil is more heterogeneous, can have a wide
pH range and can undergo large fluctuations in pH from processes
such as oxidation–reduction and respiration.
The multiple dye method has been designed to cover a wide
range of pH that can occur in soil; if narrow pH ranges are the
target of investigation use of a single dye approach is recommended
(Bargrizan et al., 2017).
A potential major advantage of spectrophotometric methods is
that the dye could be readily applied to study spatial and tem-
poral dynamics of pH at high resolution in soil. For example,
plant-induced alteration of pH in the root–rhizosphere–soil
interface occurs at <mm scales and is of great importance for
understanding the (i) physicochemical conditions of plant nutrient
acquisition and uptake, (ii) rhizosphere microbial network and
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Figure 5 (a) Alkalinity titration of a sodium
bicarbonate solution (400 mg l−1 as CaCO3) with
1.6 N sulphuric acid. The pH was measured by
a spectrophotometric method using the multiple
dye mixture and a conventional potentiometric
method with a glass electrode. (b) Comparison
of spectrophotometric and glass electrode pH
measurements over pH range 3–9 in the alkalinity
titration (r = 0.99).
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(iii) biogeochemical production of methane and dinitrous oxide in
wetland soils (Blossfeld & Gansert, 2007).
Conclusion
A multiple indicator dye mixture, comprising equimolar con-
centrations of bromophenol blue, bromocresol purple, m-cresol
purple and thymol blue, was used to extend the useful pH range
of spectrophotometric methods using a single dye compound.
The requirement of the individual dyes comprising the mixture to
cover the desired pH range was satisfied using this dye mixture.
In practical terms, this required that there was a difference of
no more than 2 pH units between consecutive dye pKa values,
and that all dyes had approximately similar acid and base peak
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Figure 6 Spectra of the multiple dye mixture at differ-
ent pH (9.33, 8.41, 7.48, 6.66, 5.89, 3.69, 3) during the
alkalinity titration.


























Figure 7 Correlation between spectrophotometric
(pHspec) and electrode methods (pHelec) in different soil
water extracts (n= 30, 10 soil samples × 3 replicates,
r = 0.99).















wavelength maxima. Spectrophotometric pH measurements using
the mixed dye showed an accuracy of approximately ± 0–0.06
pH units based on measurement of certified pH standard buffer
solutions. The multi-dye performance was further demonstrated
in an alkalinity titration, which gave comparable results to the
glass electrode method throughout a pH range of 3–9. The results
indicate that the proposed mixed dye in this study may be applied
to spectrophotometric soil pH measurement with high precision
(± 0.07), but it would be beneficial to test a wider range of soils
with this method. In addition to the potential advantages noted
above with spectrophotometric pH methods compared to electrode
methods (i.e. lack of drift, liquid junctions or suspension effects),
dyes could also be applied to study pH accurately in multiple
dimensions (e.g. down a soil profile, around minerals or organic
matter, or around the root zone). This opens up new opportunities
for research to understand the role of pH better in influencing
biogeochemical processes in soils and other systems.
Supporting Information
The following supporting information is available in the online
version of this article:
Appendix S1. Derivation of spectrophotometric pH equations using
a dye mixture.
Table S1. The mean molar absorption ratios and standard deviations
(in brackets) at 25∘C for mCP, BCP, BPB and TB (used for
single indicator dye measurements at wavelengths of maximum
absorption of acid and base forms of the dye).
Table S2. The mixed indicator colour change at selected points (pH
values) in the alkalinity titration.
Table S3. The look-up table for Rmulti as a function of pH.
Table S4. Soil physical and chemical properties.
Figure S1. The difference in pH between the spectrophoto-
metric and glass electrode methods plotted against electrode
pH values.
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Figure S2. The difference in pH between the spectrophotometric
and glass electrode methods plotted against ionic strength (μ).
Figure S3. Effect of changing mole fractions of a four-dye mixture
(mCP- BCP-BPB-TB) on Rmulti as a function of pH.
Figure S4. The residual plot for Rmulti calculated for the equal and
different mole fractions against Requl-mole.
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Appendix S1. Derivation of spectrophotometric pH equations using a dye mixture: 
The pH of a conjugate acid–base system can be calculated using the Henderson–Hasselbalch equation taking advantage 
of the dissociation constant (pKa) of the weak acid for two dyes with base (Bi) and acid (Ai) species as follows: 
 






 ,                                                                                                                       (A1a) 






 .                                                                                                                       (A2a) 
  where [ ] denotes the concentration and  the activity coefficients of base (B1 and B2) and acid (A1 and A2) forms of the 
two indicator dyes. 
 
  The spectrophotometric pH using a two-indicator dye mixture can be determined as outlined below: 
 
  Let us define p𝐾𝑎1
′ = p𝐾𝑎1 + log
𝛾𝐵1
𝛾𝐴1
   and  p𝐾𝑎2
′ = p𝐾𝑎2 + log
𝛾𝐵2
𝛾𝐴2
 .  Therefore, the relations in Equations (A1a) and 
(A2a) reduce to the following: 
pH = p𝐾𝑎1
′ + + log
[𝐵1]
[𝐴1]
 .                                                                                                                                          (A1b) 
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pH = p𝐾𝑎2
′ + + log
[𝐵2]
[𝐴2]
 .                                                                                                                                          (A2b)   




=  10−(pH− p𝐾𝑎𝑖
 ′ )
                                                                                                                                                (A3) 
 
  According to the Beer–Lambert Law, the absorbance (Abs) of acid and base forms of indicator at λ1 and λ2 is defined 
as: 
 




𝜆1𝑙[𝐵2] ,                                                                                             (A4) 




𝜆2𝑙[𝐵2] ,                                                                                             (A5) 
 
 where (1 and 2) are the molar absorptivity coefficients at wavelengths 1 and 2 for (A1 and A2), and (B1 and B2) and 𝑙 
is the spectrophotometric cell path length.  
  To obtain the ratio of maximum absorption of acid and base forms of two-dye mixture (Rmulti), equation (A5) needs to 
be divided by equation (A4) as follows:   
 














                                                                                                          (A6a) 
 
  Numerator and denominator can be written:  
 
Numerator:       𝜀𝐵1 







) + 𝜀𝐵2 







).                                                                            (A6b) 
















𝜆1).                                                                                 (A6c) 
 
  Equations (A6b) and (A6c) can be put in the following compact form: 
 
Numerator:     ∑ 𝜀𝐵𝑖
𝜆2







).                                                                                                             (A6d) 
Denominator: ∑ 𝜀𝐴𝑖
𝜆1







𝜆1).                                                                                                                   (A6e) 
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  Substitution of Equation (A3) for equations (A6d) and (A6e), gives us the numerator and denominator as: 
 
Numerator:    ∑ 𝜀𝐵𝑖
𝜆22






′ )).                                                                                               (A6f) 
Denominator:  ∑ 𝜀𝐴𝑖
𝜆12
𝑖=1,2  [𝐵𝑖] ( 10
−(pH−p𝐾𝑎𝑖
′ ) + 𝜀𝐵𝑖
𝜆1
𝜀𝐴𝑖
𝜆1 ).                                                                                                 (A6g) 
 
  If both numerator and denominator Equations (A6e) and (A6f) are divided by the fixed factor [𝐵1], Therefore, Rmulti can 
be obtained as: 
 










































,                                                                                                                                    (A8a) 
where pK´a is the dissociation constant of the dye at the specific ionic strength of the sample solution, and mole fraction 
of dye in the mixture defines as f1: 
 𝑓1 =  
[𝐴1]+ [𝐵1]













,                                                                                                           (A8b)                                               
 where [A1], [A2] and [B1], [B2] are the concentrations of acid and base species of dyes 1 and 2. 
 
Equation (A8a) can be justified as expressed below 
















,                                                                                                                                                         (A8c)                                                                                                       
  and then we obtain the following: 
 𝑓1 [(1 + 
[𝐴1]
[𝐵1]
) +  
[𝐵2]
[𝐵1]
(1 +  
[𝐴2]
[𝐵2]
)] =  1 + 
𝐴1
𝐵1
,                                                                                                                  (A8d) 
 (1 − 𝑓1) (1 + 
[𝐴1]
[𝐵1]
) =  𝑓1
[𝐵2]
[𝐵1]
 (1 + 
[𝐴2]
[𝐵2]













.                                                                                                                                                         [A8f] 










Table S1 The mean molar absorption ratios and standard deviations (in brackets) at 25˚C for mCP, BCP, BPB and TB 
(used for single indicator dye measurements at wavelengths of maximum absorption of acid and base forms of the dye) 
Indicator    e1 e2 e3 
mCP     0.015 





BCP    0.006 





BPB    0.032 











































Table S3  The look -up table for Rmulti as a function of pH 
  mCP BCP BPB TB 
  Dye 1 Dye 2 Dye 3 Dye 4 
      
 [Bi]/[B1] 1 2 3 4 
 pKa (µ=0) 8.64 6.49 4.34 9.20 
 γ –0.43 –0.43 –0.43 –0.43 
 pKa' 8.21 6.06 3.91 8.77 
 ελ2 Base 33 721 64 893 68 277 33 875 
 ελ2 Acid 215 135 741 233 
 ελ1 Base 2103 1289 885 1370 
 ελ1 Acid 15 761 23 014 23 496 14 957 
  f1 0.25    
 f2 0.25    
 f3 0.25    
 f4 0.25  
 
  
pH R (ODR) [B2]/[B1] [B3]/[B1] [B4]/[B1]  
 3.0 0.12 141.10   17 774.80 0.28  
3.01 0.12 141.13 17 729.72 0.28  
3.02 0.12 141.13 17 683.83 0.28  
3.03 0.12 141.12 17 637.11 0.28  
3.04 0.13 141.12 17 589.57 0.28  
3.05 0.13 141.12 17 541.18 0.28  
3.06 0.13 141.11 17 491.94 0.28  
3.07 0.13 141.11 17 441.83 0.28  
3.08 0.14 141.11 17390.86 0.28  
3.09 0.14 141.10   17 339.0 0.28  
3.10 0.14 141.10 17 286.26 0.28  
3.11 0.14 141.10 17 232.62 0.28  
3.12 0.15 141.09 17 178.07 0.28  
3.13 0.15 141.09 17 122.61 0.28  
3.14 0.15 141.09 17 066.23 0.28  
3.15 0.15 141.08 17 008.92 0.28  
3.16 0.16 141.08 16 950.67 0.28  
3.17 0.16 141.07 16 891.47 0.28  
3.18 0.16 141.07 16 831.32 0.28  
3.19 0.17 141.07 16 770.21 0.28  
3.20 0.17 141.06 16 708.14 0.28  
3.21 0.17 141.06 16 645.09 0.28  
3.22 0.17 141.05 16 581.07 0.28  
3.23 0.18 141.05 16 516.06 0.28  
3.24 0.18 141.04 16 450.07 0.28  
3.25 0.18 141.04 16 383.08 0.28  
3.26 0.19 141.03 16 315.09 0.28  
3.27 0.19 141.03 16 246.11 0.28  
3.28 0.19 141.02 16 176.11 0.28  
3.29 0.20 141.02 16 105.11 0.28  
3.30 0.20 141.01   16 033.1 0.28  
79
3.31 0.21 141.01 15 960.07 0.28  
3.32 0.21     141.00 15 886.02 0.28  
3.33 0.21 140.99 15 810.96 0.28  
3.34 0.22 140.99 15 734.89 0.28  
3.35 0.22 140.98 15 657.79 0.28  
3.36 0.23 140.98 15 579.68 0.28  
3.37 0.23 140.97 15 500.55 0.28  
3.38 0.23 140.96 15 420.40 0.28  
3.39 0.24 140.96 15 339.24 0.28  
3.40 0.24 140.95 15 257.08 0.28  
3.41 0.25 140.94 15 173.90 0.28  
3.42 0.25 140.93 15 089.72 0.28  
3.43 0.25 140.93 15 004.54 0.28  
3.44 0.26 140.92 14 918.36 0.28  
3.45 0.26 140.91 14 831.20 0.28  
3.46 0.27 140.90 14 743.06 0.28  
3.47 0.27 140.90 14 653.94 0.28  
3.48 0.28 140.89 14 563.85 0.28  
3.49 0.28 140.88 14 472.80 0.28  
3.50 0.29 140.87 14 380.81 0.28  
3.51 0.29 140.86 14 287.87 0.28  
3.52 0.30 140.85 14 194.01 0.28  
3.53       0.30 140.84 14 099.23 0.28  
3.54 0.31 140.83 14 003.54 0.28  
3.55 0.31 140.82 13 906.96 0.28  
3.56 0.32 140.81 13 809.49 0.28  
3.57 0.32 140.80 13 711.16 0.28  
3.58 0.33 140.79 13 611.98 0.28  
3.59 0.33 140.78 13 511.97 0.28  
3.60 0.34 140.77 13 411.13 0.28  
3.61 0.35 140.76 13 309.50 0.28  
3.62 0.35 140.75 13 207.08 0.28  
3.63 0.36 140.74 13 103.89 0.28  
3.64 0.36 140.72 12 999.95 0.28  
3.65 0.37 140.71 12 895.29 0.28  
3.66 0.37 140.70 12 789.92 0.28  
3.67 0.38 140.69 12 683.86 0.28  
3.68 0.39 140.67 12 577.14 0.28  
3.69 0.39 140.66 12 469.77 0.28  
3.70 0.40 140.65 12 361.79 0.28  
3.71 0.40 140.63 12 253.21 0.28  
3.72 0.41 140.62 12 144.05 0.28  
3.73 0.42 140.60 12 034.36 0.28  
3.74 0.42 140.59 11 924.13 0.28  
3.75 0.43 140.57 11 813.41 0.28  
3.76 0.44 140.56 11 702.23 0.28  
3.77 0.44 140.54 11 590.59 0.28  
3.78 0.45 140.52 11 478.55 0.28  
3.79 0.46 140.51 11 366.11 0.28  
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3.80 0.46 140.49 11 253.31 0.28  
3.81 0.47 140.47 11 140.18 0.28  
3.82 0.48 140.45 11 026.74 0.28  
3.83 0.48 140.44 10 913.03 0.28  
3.84 0.49 140.42 10 799.07 0.28  
3.85 0.50 140.40 10 684.90 0.28  
3.86 0.50 140.38 10 570.54 0.28  
3.87 0.51 140.36 10 456.02 0.28  
3.88 0.52 140.34 10 341.38 0.28  
3.89 0.53 140.32 10 226.63 0.28  
3.90 0.53 140.29 10 111.83 0.28  
3.91 0.54 140.27   9996.99 0.28  
3.92 0.55 140.25   9882.14 0.28  
3.93 0.55 140.23   9767.31 0.28  
3.94 0.56 140.20   9652.55 0.28  
3.95 0.57 140.18   9537.87 0.28  
3.96 0.58 140.15   9423.30 0.28  
3.97 0.58 140.13   9308.88 0.28  
3.98 0.59 140.10   9194.64 0.28  
3.99 0.60  140.07   9080.60 0.28  
4.00 0.60 140.05   8966.80 0.28  
4.01 0.61 140.02       8853.26 0.28  
4.02 0.62 139.99    8740.02 0.28  
4.03 0.63 139.96    8627.19 0.28  
4.04 0.63 139.93    8514.54 0.28  
4.05 0.64 139.90    8402.35 0.28  
4.06 0.65 139.87    8290.57 0.28  
4.07 0.66 139.84    8179.22 0.28  
4.08 0.66 139.81    8068.33 0.28  
4.09 0.67 139.77    7957.93 0.28  
4.10 0.68 139.74    7848.05 0.28  
4.11 0.69 139.70    7738.70 0.28  
4.12 0.69 139.67    7629.91 0.28  
4.13       0.70   139.63    7521.72 0.28  
4.14 0.71 139.59    7414.13 0.28  
4.15 0.72 139.56    7307.18 0.28  
4.16 0.72 139.52    7200.89 0.28  
4.17 0.73 139.48    7095.27 0.28  
4.18 0.74 139.44    6990.36 0.28  
4.19 0.75 139.39    6886.17 0.28  
4.20 0.75 139.35    6782.71 0.28  
4.21 0.76 139.31    6680.02 0.28  
4.22 0.77 139.26    6578.10 0.28  
4.23 0.78 139.22   6476.99 0.28  
4.24 0.78 139.17   6376.68 0.28  
4.25 0.79 139.12   6277.21 0.28  
4.26 0.80 139.07  6178.58 0.28  
4.27 0.81 139.02   6080.81 0.28  
4.28 0.81 138.97   5983.91 0.28  
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4.29 0.82 138.92 5887.91 0.28  
4.30 0.83 138.87 5792.81 0.28  
4.31 0.84 138.81 5698.62 0.28  
4.32 0.84 138.76 5605.36 0.28  
4.33 0.85 138.70 5513.03 0.28  
4.34 0.86 138.64 5421.65 0.28  
4.35 0.86 138.58 5331.22 0.28  
4.36 0.87 138.52 5241.76 0.28  
4.37 0.88 138.46 5153.28 0.28  
4.38 0.89 138.39 5065.77 0.28  
4.39 0.89 138.33 4979.25 0.28  
4.40 0.90 138.26 4893.72 0.28  
4.41 0.91 138.19 4809.18 0.28  
4.42 0.91 138.13 4725.65 0.28  
4.43 0.92 138.05 4643.13 0.28  
4.44 0.93 137.98 4561.62 0.28  
4.45 0.93 137.91 4481.12 0.28  
4.46 0.94 137.83 4401.63 0.28  
4.47 0.95 137.75 4323.16 0.28  
4.48 0.95 137.67 4245.71 0.28  
4.49 0.96 137.59 4169.27 0.28  
4.50 0.97 137.51 4093.85 0.28  
4.51 0.97 137.42 4019.45 0.28  
4.52 0.98 137.34 3946.07 0.28  
4.53 0.99 137.25 3873.70 0.28  
4.54 0.99 137.16 3802.34 0.28  
4.55 1.00 137.07 3731.99 0.28  
4.56 1.01 136.97 3662.65 0.28  
4.57 1.01 136.87 3594.31 0.28  
4.58 1.02 136.78 3526.97 0.28  
4.59 1.03 136.68 3460.63 0.28  
     4.60 1.03 136.57 3395.28 0.28  
4.61 1.04 136.47 3330.91 0.28  
4.62 1.04 136.36 3267.52 0.28  
4.63 1.05 136.25 3205.11 0.28  
4.64 1.06 136.14 3143.66 0.28  
4.65 1.06 136.02 3083.18 0.28  
4.66 1.07 135.90 3023.65 0.28  
4.67 1.07 135.79 2965.06 0.28  
4.68 1.08 135.66 2907.42 0.28  
4.69 1.09 135.54 2850.71 0.28  
4.70 1.09 135.41 2794.93 0.28  
4.71 1.10 135.28 2740.06 0.28  
4.72 1.10 135.15 2686.11 0.28  
4.73 1.11 135.01 2633.05 0.28  
4.74 1.12 134.87 2580.88 0.28  
4.75 1.12 134.73 2529.60 0.28  
4.76 1.13 134.59 2479.19 0.28  
4.77 1.13 134.44 2429.65 0.28  
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4.78 1.14 134.29 2380.96 0.28  
4.79 1.14 134.13 2333.12 0.28  
4.80 1.15 133.98 2286.11 0.28  
4.81 1.16 133.82 2239.93 0.28  
4.82 1.16 133.65 2194.57 0.28  
4.83 1.17 133.48 2150.02 0.28  
4.84 1.17 133.31 2106.26 0.28  
4.85 1.18 133.14 2063.29 0.28  
4.86 1.18 132.96 2021.10 0.28  
4.87 1.19 132.78 1979.68 0.28  
4.88 1.20 132.59 1939.02 0.28  
4.89 1.20 132.41 1899.10 0.28  
4.90 1.21 132.21 1859.92 0.28  
4.91 1.21 132.02 1821.46 0.28  
4.92 1.22 131.82 1783.73 0.28  
4.93 1.22 131.61 1746.70 0.28  
4.94 1.23 131.40 1710.37 0.28  
4.95 1.24 131.19 1674.72 0.28  
4.96 1.24 130.97 1639.75 0.28  
4.97 1.25 130.75 1605.45 0.28  
4.98 1.25 130.52 1571.80 0.28  
4.99 1.26 130.29     1538.80 0.28  
5.00 1.26 130.06 1506.44 0.28  
5.01 1.27 129.82 1474.70 0.28  
5.02 1.27 129.57 1443.58 0.28  
5.03 1.28 129.33 1413.07 0.28  
5.04 1.29 129.07 1383.15 0.28  
5.05 1.29 128.81 1353.82 0.28  
5.06 1.30 128.55 1325.07 0.28  
5.07 1.30 128.28 1296.89 0.28  
5.08 1.31 128.01 1269.27 0.28  
5.09 1.32 127.73 1242.20 0.28  
5.10 1.32 127.45 1215.66 0.28  
5.11 1.33 127.16 1189.66 0.28  
5.12 1.33 126.86 1164.18 0.28  
5.13 1.34 126.56 1139.21 0.28  
5.14 1.35 126.26 1114.75 0.28  
5.15 1.35 125.94 1090.78 0.28  
5.16 1.36 125.63 1067.30 0.28  
5.17 1.36 125.30     1044.30 0.28  
5.18 1.37 124.98 1021.77 0.28  
5.19 1.38 124.64   999.69 0.28  
5.20 1.38 124.30   978.08 0.28  
5.21 1.39 123.96    956.90 0.28  
5.22 1.40 123.60   936.16 0.28  
5.23       1.40 123.25   915.85 0.28  
5.24 1.41 122.88   895.96 0.28  
5.25 1.42 122.51   876.48 0.28  
5.26 1.42 122.13   857.41 0.28  
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5.27 1.43 121.75   838.73 0.28  
5.28 1.44 121.36   820.45 0.28  
5.29 1.44 120.96   802.54 0.28  
5.30 1.45 120.56   785.02 0.28  
5.31 1.46 120.15   767.85 0.28  
5.32 1.46 119.73   751.06 0.28  
5.33 1.47 119.31   734.61 0.28  
5.34 1.48 118.88   718.51 0.28  
5.35 1.49 118.45   702.75 0.28  
5.36 1.49 118.00   687.33 0.28  
5.37 1.50 117.55   672.23 0.28  
5.38 1.51 117.10   657.46 0.28  
5.39 1.52 116.63   642.99 0.28  
5.40 1.52 116.16   628.84 0.28  
5.41 1.53 115.68   614.99 0.28  
5.42 1.54 115.20   601.43 0.28  
5.43 1.55 114.71   588.17 0.28  
5.44 1.56 114.21   575.19 0.28  
5.45 1.57 113.70   562.48 0.28  
5.46 1.57 113.19   550.05 0.28  
5.47 1.58 112.67   537.89 0.28  
5.48 1.59 112.14   525.99 0.28  
5.49 1.60 111.60   514.35 0.28  
5.00 1.61 111.06   502.96 0.28  
5.51 1.62 110.51   491.81 0.28  
5.52 1.63 109.96   480.91 0.28  
5.53 1.64 109.39   470.24 0.28  
5.54 1.64 108.82   459.81 0.28  
5.55 1.65 108.25   449.60 0.28  
5.56 1.66 107.66   439.61 0.28  
5.57 1.67 107.07   429.84 0.28  
5.58 1.68 106.47   420.29 0.28  
5.59 1.69 105.86   410.94 0.28  
5.60 1.70 105.25   401.79 0.28  
5.61 1.71 104.63   392.85 0.28  
5.62 1.72 104.01   384.10 0.28  
5.63 1.73 103.37   375.55 0.28  
5.64 1.74 102.73   367.18 0.28  
5.65 1.76 102.09   358.99 0.28  
5.66 1.77 101.43   350.98 0.28  
5.67 1.78 100.77   343.15 0.28  
5.68 1.79 100.11   335.50 0.28  
5.69 1.80   99.43   328.01 0.28  
5.70 1.81   98.75   320.68 0.28  
5.71 1.82   98.07   313.52 0.28  
5.72 1.83   97.38   306.52 0.28  
5.73 1.85   96.68   299.67 0.28  
5.74 1.86   95.98   292.97 0.28  
5.75 1.87   95.27   286.42 0.28  
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5.76 1.88   94.55   280.01 0.28  
5.77 1.89   93.83   273.75 0.28  
5.78 1.91   93.11   267.62 0.28  
5.79 1.92   92.38   261.63 0.28  
5.80 1.93   91.64   255.77 0.28  
5.81 1.94   90.90   250.05 0.28  
5.82 1.96   90.16   244.45 0.28  
5.83 1.97   89.41   238.97 0.28  
5.84 1.98   88.65   233.62 0.28  
5.85 2.00   87.89   228.38 0.28  
5.86 2.01   87.13   223.26 0.28  
5.87 2.02   86.36   218.26 0.28  
5.88 2.04   85.59   213.37 0.28  
5.89 2.05   84.82   208.58 0.28  
5.90 2.07   84.04   203.91 0.28  
5.91 2.08   83.26   199.33 0.28  
5.92 2.09   82.47   194.86 0.28  
5.93 2.11   81.68   190.49 0.28  
5.94 2.12   80.89   186.22 0.28  
5.95 2.14   80.10   182.04 0.28  
5.96 2.15   79.03   177.96 0.28  
5.97 2.17   78.51   173.96 0.28  
5.98 2.18   77.71   170.06 0.28  
5.99 2.20   76.91   166.24 0.28  
6.00 2.21   76.10   162.51 0.28  
6.01 2.23   75.30   158.86 0.28  
6.02 2.24   74.50   155.30 0.28  
6.03 2.26   73.69   151.81 0.28  
6.04 2.27   72.88   148.41 0.28  
6.05 2.29   72.08   145.07 0.28  
6.06 2.31   71.27   141.82 0.28  
6.07 2.32   70.46   138.63 0.28  
6.08 2.34   69.65   135.52 0.28  
6.09 2.35   68.85   132.48 0.28  
6.10 2.37   68.04   129.51 0.28  
6.11 2.39   67.24   126.60 0.28  
6.12 2.40   66.43   123.76 0.28  
6.13 2.42   65.63   120.98 0.28  
6.14 2.43   64.83   118.27 0.28  
6.15 2.45   64.03   115.61 0.28  
6.16 2.47   63.23   113.02 0.28  
6.17 2.48   62.43   110.48 0.28  
6.18 2.50   61.64   108.00 0.28  
6.19 2.52   60.85   105.58 0.28  
6.20  2.53   60.06   103.21 0.28  
6.21 2.55   59.27  100.90 0.28  
6.22 2.57   58.49     98.63 0.28  
6.23 2.59   57.71     96.42 0.28  
6.24 2.60   56.93     94.26 0.28  
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6.25 2.62   56.16   92.15 0.28  
6.26 2.64   55.39   90.08 0.28  
6.27 2.65   54.63   88.06 0.28  
6.28 2.67   53.87   86.09 0.28  
6.29 2.69   53.11   84.16 0.28  
6.30 2.70   52.36   82.28 0.28  
6.31 2.72   51.61   80.43 0.28  
6.32 2.74   50.87   78.63 0.28  
6.33 2.76   50.13   76.87 0.28  
6.34 2.77   49.40   75.15 0.28  
6.35 2.79   48.67   73.47 0.28  
6.36 2.81   47.95   71.83 0.28  
6.37 2.82   47.24   70.22 0.28  
6.38 2.84   46.52   68.65 0.28  
6.39 2.86   45.82   67.11 0.28  
6.40 2.88   45.12   65.61 0.28  
6.41 2.89   44.43   64.15 0.28  
6.42 2.91   43.74   62.71 0.28  
6.43 2.93   43.06   61.31 0.28  
6.44 2.94   42.38   59.95 0.28  
6.45 2.96   41.71   58.61 0.28  
6.46 2.98   41.05  57.30 0.28  
6.47 2.99    40.40   56.02 0.28  
6.48 3.01   39.75   54.77 0.28  
6.49 3.03   39.11   53.55 0.28  
6.50 3.04   38.47   52.36 0.28  
6.51 3.06   37.84   51.19 0.28  
6.52 3.08   37.22   50.05 0.28  
6.53 3.09   36.60   48.94 0.28  
6.54 3.11   36.00   47.85 0.28  
6.55 3.13   35.39   46.79 0.28  
6.56 3.14   34.80   45.75 0.28  
6.57 3.16   34.21   44.73 0.28  
6.58 3.18   33.63   43.74 0.28  
6.59 3.19   33.06   42.77 0.28  
6.60 3.21   32.49   41.82 0.28  
6.61 3.22   31.94   40.89 0.28  
6.62 3.24   31.38   39.98 0.28  
6.63 3.26   30.84  39.10 0.28  
6.64 3.27   30.30   38.23 0.28  
6.65 3.29   29.77   37.39 0.28  
6.66 3.30   29.25   36.56 0.28  
6.67 3.32   28.73   35.75 0.28  
6.68 3.33   28.22   34.96 0.28  
6.69 3.35   27.72   34.19 0.28  
      6.70 3.36   27.23   33.44 0.28  
6.71 3.38   26.74        32.70    0.28  
6.72 3.39   26.26   31.98 0.28  
6.73 3.41   25.79   31.27 0.28  
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6.74 3.42   25.32   30.59 0.28  
6.75 3.44   24.86   29.91 0.28  
6.76 3.45   24.41   29.26 0.28  
6.77 3.47   23.96   28.61 0.28  
6.78 3.48   23.52   27.99 0.28  
6.79 3.50   23.09   27.37 0.28  
6.80 3.51   22.67   26.77 0.28  
6.81 3.53   22.25   26.19 0.28  
6.82 3.54   21.84   25.61 0.28  
6.83 3.56   21.43   25.06 0.28  
6.84 3.57   21.03   24.51 0.28  
6.85 3.58   20.64   23.97 0.28  
6.86 3.60   20.25   23.45 0.28  
6.87 3.61   19.88   22.94 0.28  
6.88 3.63   19.50   22.44 0.28  
6.89 3.64   19.14   21.95 0.28  
6.90 3.65   18.78   21.48 0.29  
6.91 3.67   18.42   21.01 0.29  
6.92 3.68   18.07   20.56 0.29  
6.93 3.70   17.73   20.11 0.29  
6.94 3.71   17.39   19.68 0.29  
6.95 3.72   17.06   19.25 0.29  
6.96 3.74   16.74   18.84 0.29  
6.97 3.75   16.42   18.43 0.29  
6.98 3.76   16.11   18.04 0.29  
6.99 3.78   15.80   17.65 0.29  
7.00 3.79   15.50   17.27 0.29  
7.01 3.80   15.20   16.90 0.29  
7.02 3.82   14.91   16.54 0.29  
7.03 3.83   14.62   16.18 0.29  
7.04 3.84   14.34   15.84 0.29  
7.05 3.86   14.07        15.50 0.29  
7.06 3.87   13.80   15.17 0.29  
7.07 3.88   13.53   14.85 0.29  
7.08 3.90   13.27   14.53 0.29  
7.09 3.91   13.02   14.23 0.29  
7.10 3.92   12.77   13.93 0.29  
7.11 3.94   12.52   13.63 0.29  
7.12 3.95   12.28   13.34 0.29  
7.13 3.96   12.04   13.06 0.29  
7.14 3.97   11.81   12.79 0.29  
7.15 3.99   11.58   12.52 0.29  
7.16       4.00   11.36   12.26 0.29  
7.17 4.01   11.14   12.00 0.29  
7.18 4.03   10.93   11.75 0.29  
7.19 4.04   10.72   11.51 0.29  
7.20 4.06   10.51   11.27 0.29  
7.21 4.07   10.31   11.03 0.29  
7.22 4.08   10.11   10.81 0.30  
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7.23 4.10    9.92   10.58       0.30  
7.24 4.11   9.73   10.37 0.30  
7.25 4.12   9.54   10.15 0.30  
7.26 4.14   9.36      9.94 0.30  
7.27 4.15   9.18    9.74 0.30  
7.28 4.16   9.00    9.54 0.30  
7.29 4.18   8.83    9.35 0.30  
7.30 4.19   8.66    9.16 0.30  
7.31 4.21   8.50    8.97 0.30  
7.32 4.22   8.33    8.79 0.30  
7.33 4.24   8.18    8.61 0.30  
7.34 4.25   8.02    8.44 0.30  
7.35 4.27   7.87    8.27 0.30  
7.36 4.28   7.72    8.11 0.30  
7.37 4.29   7.57    7.94 0.30  
7.38 4.31   7.43    7.79 0.30  
7.39 4.33   7.29    7.63 0.30  
     7.40 4.34   7.15    7.48 0.30  
7.41 4.36   7.02    7.33 0.31  
7.42 4.37   6.89    7.19 0.31  
7.43 4.39   6.76    7.05 0.31  
7.44 4.40   6.63     6.91 0.31  
7.45 4.42   6.51     6.78 0.31  
7.46 4.44   6.39     6.64 0.31  
7.47 4.45   6.27     6.52 0.31  
7.48 4.47   6.16     6.39 0.31  
7.49 4.49   6.04     6.27 0.31  
7.50 4.50   5.93     6.15 0.31  
7.51 4.52   5.82     6.03 0.31  
7.52 4.54   5.72     5.92 0.31  
7.53 4.56   5.61     5.80 0.31  
7.54 4.57   5.51     5.69 0.32  
7.55 4.59   5.41     5.59 0.32  
7.56 4.61   5.32    5.48 0.32  
7.57 4.63   5.22    5.38 0.32  
7.58 4.65   5.13    5.28 0.32  
7.59 4.67   5.04    5.18 0.32  
7.60 4.69   4.95    5.09 0.32  
7.61 4.71   4.86    5.00 0.32  
7.62 4.73   4.77    4.91 0.32  
7.63 4.75   4.69    4.82 0.32  
7.64 4.77   4.61    4.73 0.33  
7.65 4.79   4.53    4.64 0.33  
7.66 4.81   4.45    4.56 0.33  
7.67 4.83   4.37   4.48 0.33  
7.68 4.86   4.30    4.40  0.33  
7.69 4.88   4.23    4.32 0.33  
7.70 4.90   4.15    4.25 0.33  
7.71 4.92   4.08    4.17 0.33  
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7.72 4.95   4.01     4.10 0.33  
7.73 4.97   3.95     4.03 0.34  
7.74 5.00   3.88     3.96 0.34  
7.75 5.02   3.82     3.90 0.34  
7.76 5.05   3.75    3.83 0.34  
7.77 5.07   3.69    3.76 0.34  
7.78 5.10   3.63    3.70 0.34  
7.79 5.12   3.57    3.64 0.34  
7.80 5.15   3.52    3.58 0.35  
7.81 5.18   3.46    3.52 0.35  
7.82 5.21   3.41    3.46 0.35  
7.83 5.23   3.35    3.41 0.35  
7.84 5.26   3.30    3.35 0.35  
7.85 5.29   3.25    3.03 0.35  
7.86 5.32   3.20    3.25 0.35  
7.87 5.35   3.15    3.20 0.36  
7.88 5.38   3.10    3.15 0.36  
7.89 5.41   3.05    3.10 0.36  
7.90 5.45   3.01    3.05 0.36  
7.91 5.48   2.96    3.00 0.36  
7.92 5.51   2.92    2.96 0.36  
7.93 5.54   2.87    2.91 0.37  
7.94 5.58   2.83    2.87 0.37  
7.95 5.61   2.79    2.83 0.37  
7.96 5.65   2.75    2.79 0.37  
7.97 5.68   2.71    2.74 0.37  
7.98 5.72   2.67    2.70 0.38  
7.99 5.76   2.64    2.67 0.38  
8.00 5.79   2.60    2.63 0.38  
8.01 5.83   2.56    2.59 0.38  
8.02 5.87   2.53    2.55 0.38  
8.03 5.91   2.49    2.52 0.39  
8.04 5.95   2.46    2.48 0.39  
8.05 5.99   2.43    2.45 0.39  
8.06 6.03   2.39    2.42 0.39  
8.07 6.07   2.36    2.39 0.40  
8.08 6.12   2.33    2.35 0.40  
8.09 6.16   2.30    2.32 0.40  
8.10 6.20   2.27    2.29 0.40  
8.11 6.25   2.24    2.26 0.41  
8.12 6.29   2.22    2.24 0.41  
8.13 6.34   2.19    2.21 0.41  
8.14 6.39   2.16    2.18 0.41  
8.15 6.44   2.14    2.15 0.42  
8.16 6.49   2.11    2.13 0.42  
8.17 6.53   2.08    2.10 0.42  
8.18 6.59   2.06    2.08 0.42  
8.19 6.64   2.04    2.05 0.43  
8.20 6.69   2.01    2.03 0.43  
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8.21 6.74   1.99    2.00 0.43  
8.22 6.80   1.97    1.98 0.43  
8.23 6.85   1.95    1.96 0.44  
8.24 6.91   1.92    1.94 0.44  
8.25 6.96   1.90    1.92 0.44  
8.26 7.02   1.88    1.89 0.45  
8.27 7.08   1.86    1.87 0.45  
8.28 7.14   1.84    1.85 0.45  
8.29 7.20   1.82    1.84 0.46  
8.30 7.26   1.81    1.82 0.46  
8.31 7.32   1.79    1.80 0.46  
8.32 7.38   1.77    1.78 0.46  
8.33 7.45   1.75    1.76 0.47  
8.34 7.51   1.74    1.74 0.47  
8.35 7.58   1.72    1.73 0.47  
8.36 7.65   1.70    1.71 0.48  
8.37 7.71   1.69    1.69 0.48  
8.38 7.78   1.67    1.68 0.48  
8.39 7.85   1.66    1.66 0.49  
8.40 7.93   1.64    1.65 0.49  
8.41 8.00   1.63    1.63 0.49  
8.42 8.07   1.61    1.62 0.50  
8.43 8.15     1.60    1.60 0.50  
8.44 8.22   1.58    1.59 0.51  
8.45 8.30   1.57    1.58 0.51  
8.46 8.38   1.56    1.56 0.51  
8.47 8.46   1.55    1.55 0.52  
8.48 8.54   1.53    1.54 0.52  
8.49 8.62   1.52    1.53 0.52  
8.50 8.70   1.51    1.51 0.53  
8.51 8.78   1.50     1.50 0.53  
8.52 8.87   1.49     1.49 0.54  
8.53 8.96   1.48    1.48 0.54  
8.54 9.04   1.46    1.47 0.54  
8.55 9.13   1.45    1.46 0.55  
8.56 9.22   1.44    1.45 0.55  
8.57 9.31   1.43    1.44 0.56  
8.58 9.41   1.42    1.43 0.56  
8.59 9.50   1.41     1.42 0.56  
8.60       9.60  1.40     1.41 0.57  
8.61       9.69  1.40     1.40 0.57  
8.62       9.79   1.39     1.39 0.58  
8.63       9.89   1.38     1.38 0.58  
8.64       9.99   1.37     1.37 0.58  
8.65     10.09     1.36     1.36 0.59  
8.66     10.20   1.35    1.36 0.59  
8.67     10.30   1.34     1.35 0.60  
8.68     10.41   1.34     1.34 0.60  
8.69     10.51   1.33     1.33 0.60  
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8.70 10.62   1.32    1.32 0.61  
8.71 10.73   1.31    1.32 0.61  
8.72 10.84   1.31    1.31 0.62  
8.73 10.96   1.30    1.30 0.62  
8.74 11.07   1.29    1.30 0.62  
8.75 11.19   1.29    1.29 0.63  
8.76 11.30   1.28    1.28 0.63  
8.77 11.42   1.27    1.28 0.64  
8.78 11.54   1.27    1.27 0.64  
8.79 11.66   1.26    1.26 0.65  
8.80 11.79  1.26    1.26 0.65  
8.81 11.91   1.25    1.25 0.65  
8.82 12.04   1.24    1.25 0.66  
8.83 12.16   1.24    1.24 0.66  
8.84 12.29   1.23    1.24 0.67  
8.85 12.42   1.23    1.23 0.67  
8.86 12.55   1.22    1.22 0.67  
8.87 12.68   1.22    1.22 0.68  
8.88 12.82   1.21    1.21 0.68  
8.89 12.95   1.21    1.21 0.69  
8.90 13.09   1.20    1.20 0.69  
8.91 13.23   1.20    1.20 0.69  
8.92 13.37   1.19    1.20 0.70  
8.93 13.51   1.19    1.19 0.70  
8.94 13.65   1.19    1.19 0.71  
8.95 13.79   1.18    1.18 0.71  
8.96 13.94   1.18    1.18 0.72  
8.97 14.08   1.17    1.17 0.72  
8.98 14.23   1.17    1.17 0.72  
8.99 14.38   1.17    1.17 0.73  
9.00 14.53   1.16    1.16 0.73  
9.01 14.68   1.16    1.16 0.73  
9.02 14.83   1.15    1.16 0.74  
9.03 14.98   1.15    1.15 0.74  
9.04 15.14   1.15    1.15 0.75  
9.05 15.29   1.14    1.15 0.75  
9.06 15.45   1.14    1.14 0.75  
9.07 15.60   1.14    1.14 0.76  
9.08 15.76   1.13    1.14 0.76  
9.09 15.92   1.13    1.13 0.76  
9.10 16.08   1.13    1.13 0.77  
9.11 16.24   1.13    1.13 0.77  
9.12 16.41   1.12    1.12 0.78  
9.13 16.57   1.12    1.12 0.78  
9.14 16.73   1.12    1.12 0.78  
9.15 16.90   1.11    1.12 0.79  
9.16 17.06   1.11    1.11 0.79  
9.17 17.23   1.11    1.11 0.79  
9.18 17.40   1.11    1.11 0.80  
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9.19 17.57   1.10     1.11       0.80  
9.20 17.74   1.10     1.10 0.80  
9.21 17.90   1.10     1.10 0.81  
9.22 18.07   1.10     1.10 0.81  
9.23 18.24   1.10     1.10 0.81  
9.24 18.42   1.09     1.09 0.82  
9.25 18.59   1.09     1.09 0.82  
9.26 18.76   1.09     1.09 0.82  
9.27 18.93   1.09     1.09 0.83  
9.28 19.10   1.08     1.09 0.83  
9.29 19.28   1.08     1.08 0.83  
9.30 19.45   1.08     1.08 0.83  
9.31 19.62   1.08     1.08 0.84  
9.32 19.80   1.08     1.08 0.84  
9.33 19.97   1.08     1.08 0.84  
9.34 20.14   1.07    1.07 0.85  
9.35 20.32   1.07    1.07 0.85  
9.36 20.49   1.07    1.07 0.85  
9.37 20.66   1.07    1.07 0.85  
9.38 20.84   1.07    1.07 0.86  
9.39 21.01   1.07    1.07 0.86  
9.40 21.18   1.06    1.06 0.86  
9.41 21.36   1.06    1.06 0.86  
9.42 21.53   1.06    1.06 0.87  
9.43 21.70   1.06    1.06 0.87  
9.44 21.88   1.06    1.06 0.87  
9.45 22.05     1.06    1.06 0.87  
9.46 22.22   1.06    1.06 0.88  
9.47 22.39   1.05    1.06 0.88  
9.48 22.56   1.05    1.05 0.88  
9.49 22.73   1.05    1.05 0.88  
9.50      22.90  1.05    1.05 0.89  




Table S4 Soil physical and chemical properties 
 
Soil Depth pH Sand       Silt       Clay Total C 
/ cm pHelec pHspec / % / % 
Monarto   0–10 7.87 7.97 84.6    7.1   8.3   1.0 
Arboretum   0–10 6.24 6.37  50.0 35.0 15.0       2.9 
Lock siliceous   0–10 7.95 7.93  95.0 0   5.0   1.6 
Gillman 20–80     3.01 3.16  91.2   8.0  0.8   1.2 
Ngarkat   0–10 6.81 6.94  95.8   1.0  3.2 0.67 
ock Horizon   0–10 8.53 8.44  97.5   2.5         0   3.7 
Mt Compass   0–10 4.93 5.06  97.2   1.7   1.1   0.5 
Long Flat 140–210 2.86 3.21  11.4 31.6 57.0   1.5 
Long Flat 190–240 4.00 4.12    7.6 31.8 60.6   1.3 
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Carbonate system can be distinguished by measuring at least two of the four 
components ((partial pressure (pCO2), total alkalinity (TA), pH and dissolved 
inorganic carbon (DIC)). In this study, the internal consistency of the soil carbonate 
system was examined using the carbonate model introduce by Stumm and Morgan 
(1996). For this purpose, laboratory measurements of pCO2 through equilibrating the 
soil solution with air with a known pCO2 and TA through alkalinity titration was used 
to calculate pH (pHCO2). Then pHCO2 was compared with pH measured using 
spectrophotometric and glass electrode methods (pHspec and pHelec). The results 
demonstrated the internal consistency of the soil carbonate system with a precision of 
±0.03 pH units. Discrepancy between measured and calculated pH was within 0.00-
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0.1 pH unit for most samples. However, more deviation was observed for those sample 
with low alkalinity (≤ 0.5 meq L-1). This is likely attributable to the concentration of 
dissolved organic carbon (DOC)which was not considered in the thermodynamic 
carbonate model calculations. However, further research is required to resolve this 
problem. Furthermore, the potential of the carbonate model to assess the consequences 
of climate change such as increasing soil pCO2 and soil carbonate dissolution was 
explored. 
5.1 Introduction 
Concentrations of atmospheric carbon dioxide (CO2) has elevated by 40%, from 280 
ppm in 1750 to 400 ppm in 2014 (MacFarling Meure et al. 2006). This increase has 
been caused by anthropogenic activities, especially burning of fossil fuels which has 
been distinguished by atmospheric global warming (Pierre Marrec 2014). Soil 
inorganic carbon is one of the largest sinks of atmospheric CO2 and the global C cycle 
(Lal 2001) is vulnerable to these anthropogenic perturbations (Lal and Kimble 2000). 
Increasing soil CO2 partial pressure (pCO2) as a consequence of the increasing 
concentrations of atmospheric carbon dioxide (Andrews and Schlesinger 2001; King 
et al. 2001) has demonstrated the evidence of the participation of soil inorganic carbon 
systems regarding global soil-atmospheric CO2 fluxes. 
Under increased soil pCO2, soil acidification occurs through carbonic acid formation 
followed by weak acid dissociation (Simunek et al. 1993). In arid and semi-arid areas, 
Ca2+ combines with carbonate to form calcite (CaCO3) which often comprises a major 
part of the calcareous soil system (Strawn et al. 2015). The weathering (dissolution) 
of calcite in soils arises from either carbonic acid at pH > 6 or strong acids at lower 
pH.  Dissolution of solid calcium carbonate at pH > 6.5, (provided that the weatherable 
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calcite is not finished) (Kilham 1982; Perrin et al. 2008; Raymond and Hamilton 
2018)provides a buffer via an increase in HCO3
- alkalinity against the pH changes in 
soil (Reardon et al. 1979) caused by acidification processes (Bargrizan et al. 2018, see 
Chapter 3). The assessment of the degree of calcium carbonate saturation is crucial for 
agricultural management due to its influence on chemical and physical soil 
characteristics such as CEC, porosity, conductivity, and pH (Peverill et al. 2001). The 
outcome of decreasing pH (soil acidification) as a result of climate change, would be 
a decrease in calcium carbonate saturation states resulting in calcite dissolution 
(Berner 1997; Bormann et al. 1998; Berg and Banwart 2000) and a decrease in the 
buffer capacity it provides. In addition to the soil acidification, the CO2 flux from soil 
to the atmosphere has also been affected by elevated soil pCO2 which lead to negative 
response to the atmospheric CO2 level (De Jong and Schappert 1972). 
In order to improve our understanding of the soil carbon cycle, in particular our 
confidence in projections of the effect of CO2 release on climate and the consequences 
of soil acidification, accurate characterization of the soil inorganic carbon system 
(Wanninkhof et al. 1999), is essential. This requires measurement of inorganic system 
variables such total alkalinity (TA), pH, pCO2 and dissolved inorganic carbon (DIC) 
(Karberg et al. 2005). By measuring accurately at least two of these inorganic carbon 
system parameters it is possible to calculate the remaining parameters using 
knowledge of the carbonate equilibrium constants (Dickson et al. 2007). If a third 
carbonate system parameter is measured this enables rigorous checking of the internal 
consistency of the equilibrium constants of the system and accuracy of measurements 
(Marion et al. 2011). 
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The internal consistency assists in checking if the same outcomes can be obtained 
through different independent carbonate system measurements (Reimer 2017). The 
internal consistency of different sets of marine carbonate system measurements and 
equilibrium constants has previously been demonstrated (Clayton et al. 1995; Zhang 
et al. 1996; Wanninkhof et al. 1999; Lueker et al. 2000; Patsavas et al. 2015). 
However, this internal consistency has not been demonstrated yet for the soil carbonate 
system, and this introduces major uncertainties in our ability to understand 
acidification risks and response to rising atmospheric CO2 levels. Highly precise 
analytical measurements of carbonate parameters are a prerequisite for evaluation of 
internal consistency of this system (Millero et al. 1993; Lee et al. 2000; Koeve and 
Oschlies 2012; Hoppe et al. 2012; Salt et al. 2016). This was one of the drivers for our 
recent developments in spectrophotometric pH measurements methods for soils 
(Bargrizan et al. 2017, 2018) which had previously been proved in terms of high 
precision (> 0.01 pH units) in the marine chemistry field (Robert-Baldo Byrne et al. 
1985; Byrne 1988; Clayton and Byrne 1993; Yao and Byrne 2001; Ohlin et al. 2007; 
Lai et al. 2016).  
The objective of this study was to develop a model for evaluation of the consistency 
of thermodynamics of the soil carbonate system by calculation of a third parameter 
from two other parameters; Using a controlled laboratory experiment, we calculated 
pH of soil solutions equilibrated with a fixed pCO2 and measured total alkalinity (TA) 
and then compared the results with pH measured through spectrophotometric and glass 
electrode methods. This study is also unique in terms of the investigation of internal 
consistency of soil carbonate system through the incorporation of spectrophotometric 
method for pH measurement. A further aim of this study was to assess the accuracy of 
spectrophotometric soil pH measurements against electrode method using the same 
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approach. A modelling approach was then explored as a potential tool for prediction 
of increasing soil pCO2 and soil carbonate dissolution as a result of climate change. 
5.2 Material and Methods 
5.2.1 Theory  
5.2.1.1 Soil pH determination using acid-base equilibria of CO2 
The pH and carbonate equilibria in the soil solution can in theory be determined using 
Henry’s Law constant for CO2 (KH), the first and second dissociation constants of 
carbonic acid (H2CO3*) resulting in bicarbonate and carbonate ions, respectively, and 
the water ionization constant (Kw) (Stumm and Morgan 1996): 
CO2 +  H2O ⇌  H2CO3




=  10−1.47                                    [1a]                                                         
H2CO3
∗  ⇌  H+ + HCO3





=  10−6.35                                [1b] 
HCO3
−  ⇌  H+ +  CO3





=  10−10.33                                [1c] 
H2O ⇌   H
+ + OH−                   KW =  [H
+][OH−] =  10−14                                [1d]                            
The net negative charge arising from the dissociation of dissolved carbonic acid and 
other weak acids such as water (i.e. HCO3
-, CO3
2-, OH-) has to balance exactly the net 
positive charge from the strong mineral bases (Na+, K+, Ca2+, Mg2+) and can be 
expressed as a charge balance or electroneutrality equation: 
CB + [H
+] =  [HCO3
−] +   2[CO3
2−] +  [OH−] −  CA                          [2a] 
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Where CB and CA are the amounts of base and acid that are present in the system, 
respectively. Because it is usually impractical to measure the amounts of acid and base 
that have been added, a new quantity, alkalinity, is defined as the acid neutralizing 
capacity of the system. In carbonate-alkalinity dominated systems, the individual ions 
contributing to alkalinity may be expressed as: 
Alkalinity = CB −  CA = [HCO3
−] + 2[CO3
2−] +  [OH−] − [H+]                                [2b]      
In actual soil-water systems, other anions (e.g. sulfate) and organic bases may also 
provide alkalinity (Breemen et al. 1983). 
In an open system in close contact with the atmosphere (e.g. surface soil), the carbonic 
acid activity in a soil solution is governed by the partial pressure of CO2(g) (pCO2) in 
the gas phase. Therefore, the concentration of carbonate ions based on mass balance 
can be defined as (Stumm and Morgan 1996):   
[H2CO3
∗ ] =  CT α0 =   KH  pCO2                                                                                 [3a] 
                                                                                                                          
Therefore  
CT =  
KHpCO2
α0
         
[HCO3
−] =  CT α1                                                                                                        [3b] 
[CO3
2−] =  CT α2                                                                                                         [3c]                  






































                                                                                                                        [4c] 
                                                                                                    
K´H, K´α1 and K´α2 can be recalculated considering the effect of ionic strength on 
activity coefficients using the Davies equation (Stumm and Morgan 1996). (Refer to 
equation 1 for value of KH, K1 and K2 at zero ionic strength).  
Substitution into the charge balance equation [2a] and combining equation [3a] for CT, 
[3b] and [3c] results in (Stumm and Morgan 1996): 
Alkalinity =  CB −  CA =
KHpCO2
α0
 (𝑎1 + 2𝑎2) +   
Kw
[H+]
−  [H+]                                   [5]     
This equation implies experimentally measured alkalinity (acid neutralizing capacity) 
relative to a weak electrolyte since it corresponds to the concentration of strong acid 
required to titrate the solution to the endpoint of bicarbonate. pH can be determined 
using equation [5] provided that the amounts of acid or base added to the system and 
pCO2 are known. Equation [5] can be solved iteratively by the bisection method until 
the left-hand side (alkalinity) equals the right-hand side or via numerical methods. 
5.2.2 Soil solution preparation 
Nine soils with pH range of 6-8 (Table 1) with three replicates of each soil solution 
(1:1 soil:water) were used in the study for pH measurements. (refer to Bargrizan et al. 
2017 for details). 
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Table 1: Soil physical and chemical properties. 
 Depth Sand        Silt         Clay                         Major cations and anions   
Cl_ NO3
- SO4
2- Ca2+ K+ Mg2+ Na+ 
 %                                                        meq L-1
Monarto 1* 0-10 84.6 7.10 8.30 0.65 0.44 0.13 2.62 0.46 0.56 0.69 
Lock siliceous 0-10 95 0 5 0.38 2.35 0.09 3.59 0.78 0.44 0.35 
Karoonda 0-10 97.4 0.2 2.40 0.24 0.24 0.11 0.39 0.25 0.21 0.20 
Ngarkat  0-10 95.80 1.0 3.20 0.18 0.04 0.05 0.25 0.11 0.17 0.21 
Lock Horizon  0-10 97.50 2.50 0 0.20 0.34 0.14 1.40 0.11 0.54 0.60 
Modra 0-10 65 5 30 3.36 5.70 0.31 5.72 1.34 1.39 1.34 
Monarto 2* 0-10 93.6 1.1 3.8 0.31 0.24 0.19 0.50 0.39 0.30 0.25 
Cowirra 0-10 41.50 18.80 39.70 4.57 0.02 35.6 25.46 1.14 14.36 9.17 
Black point 10-20 72.70 9.20 18.10 2.21 0.28 0.37 2.23 0.27 0.55 2.46 
*Monarto 1 and Monarto 2 were selected form two locations (Highland and Highway respectively).  
 
5.2.3 Laboratory experimental set up  
A laboratory experiment was conducted in which ca. 25 mL of soil extract was 
introduced into a custom-made equilibration flask (Figure 1) which was connected via 
tubing to a flow-through cell on a double-beam spectrophotometer (GBC UV/VIS 
916).  
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The flask was placed on a temperature-controlled water bath adjusted to 25˚C. The 
temperature in the spectrophotometric cell holder was also kept constant at 25˚C using 
an installed water thermostat. A pH electrode (Orion SureFlow) was inserted into the 
flask that had been pre-calibrated with commercially manufactured (Australian 
Chemical Reagents) standard high ionic strength pH 7 and pH 4 buffers (m ≈ 0.1 mol 
L–1) at 25°C. 
The soil extracts were equilibrated with a fixed pCO2 via a gas tube connected to a 
pure air cylinder (BOC gases) inserted into the top of the equilibration cell (Figure 1). 
The pCO2 in the gas stream was measured using a calibrated LICOR 840a infra-red 
gas analyser. The air was circulated through the soil solution using slow bubbling for 
approx. 30 min per sample until the spectra of solution and the electrode pH 
measurement were stable.  
Then for spectrophotometric pH measurement, a sulfonephthalein indicator depending 
on the sample pH range (determined by the electrode) was selected and injected into 
the soil solution. The absorbance spectrum with dye was recorded for the circulating 
soil extract solution. The absorbance of indicator was corrected against baseline 
through subtracting of soil solution without indicator dye (as a reference) from the 




Figure 1: Diagram of soil carbonate equilibrium cell. 
 
5.2.4 Alkalinity measurement 
After pH measurement, a measured volume of soil solution and indicator dye was 
transferred into a separate beaker for alkalinity measurement. Great attention was 
taken to avoid solution loss by getting the remaining amount of solution out of the 
flow-through cell and connecting tubes. The solution was stirred gently, and initial pH 
was recorded when a stable reading was obtained, and then titration was conducted 
using an autotitrator to deliver increments of 0.16 N H2SO4 and continued to the end 
point at pH ≤ 3.5. pH was measured using a glass electrode after each acid addition. 
Adequate titration points were recorded, ensuring high accuracy. A gran linear 
extrapolation function was utilized to determine alkalinity for low ionic strength 
samples (Rounds 2001).  
 
 










5.2.5 Laboratory analytical measurements  
A stock solution of bromocresol purple (BCP) and phenol red (PR) at a total 
concentration of 3× 10-3 mol L-1 was used. The absorbance maxima (Abs) of acid and 
base forms of PR were read at 433 nm, 558 nm (λ1 and λ2) and BCP at 432 nm, 589 
nm (λ1 and λ2), respectively, using Cintral software and used for R (= 2Abs./1Abs) 
calculation (see Bargrizan et al. 2017). The value for molar absorbance ratios (e1-e3) 
and pK2 of indicators used in this study (PR and BCP) are those of Yao and Byrne 
(2001).  
The ionic strength of each soil extract was determined via electrical conductivity (EC, 
mS cm 1) measurement using a calibrated conductivity electrode (TPS Glass K = 1.0 
Cond Sensor) using the equation µ= EC x 0.0127 (Griffin and Jurinak 1973; Gillman 
and Bell 1978, Bargrizan et al. 2017). 
DOC concentration of filtered soil solutions was also estimated using a 
spectrophotometer at an absorbance of 250 nm (Baldwin 1999) using the regression 
equation [DOC] = 33.99 A250 + 8.16 (Baldwin 1999; O’Connell et al. 2000; Whitworth 
et al. 2014). 
Concentrations of major cations were measured by inductively coupled plasma optical 
emission spectroscopy (ICPOES) (APHA method 3120) and concentrations of anions 
were determined by ion chromatography using a Dionex ICS-2500 system (APHA 
method 4110) (Table 1).  
5.2.6 Geochemical modelling calculations 
 To assess the internal consistency of the soil carbonate system, we compared the soil 
solution pH (n=27, pH range of appx. 6-8) calculated from pCO2 (pHCO2) to the pH 
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measurements using both spectrophotometric (pHspec) and glass electrode (pHelec) 
methods. pHCO2 was calculated from known pCO2 (433ppm) and alkalinity 
measurements using equation (5). Carbonate system calculations were based on 
equilibrium constants reported by Stumm and Morgan (1996) at µ=0 and 25˚C. 
The geochemical speciation program PHREEQC (USGS 2002) was also used to 
calculate carbonate calcium saturation (calcite) from the fixed pCO2 and measured 
alkalinity, measured major ions and also at a range of pCO2 values (to assess the effect 
of climate change on saturation status) and spectrophotometrically measured pH.  
5.3 Results 
5.3.1 Internal consistency of soil carbonate system 
The pH values calculated using the carbonate model (pHCO2) and pH obtained using 
electrode and spectrophotometric methods (pHelec and pHspec) is shown in Table 2. An 
average precision of ca. 0.03 pH units was obtained for three independent pH 
measurements of the carbonate system which was similar to those of measured pHspec 
and pHelec values (0.05 pH units) (Table 2). 
As shown in figure 2a, the residual plot pH (CO2 - spec/elec) for different samples, 
calculated pH (pHCO2) was in general higher than the measured pH values (pHelec and 
pHspec). There was a good agreement between measured and calculated pH for soil 
extracts with pH > 7 (Table 2, Figure 2a) with the average differences of approx.0.1 
pH units. These results showed that soil carbonate system model using the constants 
of Stumm and Morgan (1996) was internally consistent with measurements in pH > 7 
solutions. However, there was larger deviation of 0.3-0.8 pH units for those samples 
with pH ≤ 7 (Table 2, Figure 2a), which mainly corresponded to soil extracts with low 
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alkalinity of < 0.5 meq L-1 (Figure 2b). Inconsistencies in the pH-DIC-pCO2 
relationship have been previously explained with regards to the difference between 
DIC and TA concentrations (Patsavas et al. 2015). Measured TA constitutes the 
contribution of both organic bases (Kim and Lee 2009; Hoppe et al. 2012; Patsavas et 
al. 2015; Salt et al. 2016) and carbonate species. Conversely, calculation of TA via the 
thermodynamic carbonate model used in this study does not include the contribution 
of organic bases. In an attempt to determine the source of total alkalinity surplus 
relative to calculated carbonate, dissolved organic carbon (DOC) for all samples was 
estimated via spectrophotometric measurements in the UV-range (Table 3). Not much 


























































































Figure 2: (A): Difference between pH calculated using carbonate systems and spectrophotometric and 
electrode pH measurements for different soils against spectrophotometric pH values. (B): Difference 

























































Table 3: The mean value of alkalinity titration (TAtit) with standard deviation (SD) in brackets and 
estimated dissolved organic carbon (DOC). 

















































5.3.2 Calculation of calcite saturation states using the PHREEQC program  
Calcite saturation states (mg L_1) of soil samples were calculated from non-fixed pCO2 
(pHspec and TA) and fixed pCO2 (pCO2 and TA) using PHREEQC. There was 
variability in calcite saturation state with some over (SI > 0 at pHPHREEQC > 8, 
suggesting mineral calcite could precipitate from solution) and some under-saturated 
(SI < 0 at pHPHREEQC < 8, suggesting calcite dissolution) (Table 4). 
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Table 4: Calculated pH (pHPHREEQC) and Calcite using PHREEQC program 
 
5.4 Discussion  
In this study, the internal consistency of the soil CO2 system was illustrated using a 
carbonate system equilibrium model (Stumm and Morgan 1996) through an 
assessment of the ability of pCO2 and TA pairs to calculate soil solution pH (three 
replicates, a precision of ±0.03 pH units). For most soils, comparison of pHCO2 and 
Soil pH PHREEQC SI-Calcite (pHspec and TA) 
(mg L_1) 
SI-Calcite (pCO2 and TA) 
(mg L_1) 
Lock Siliceous 8.27 0.2879 
 
0.5432 





























measured pHspec,elec indicated a small difference of approximately 0.00-0.1 pH units. 
However, a much larger deviation was observed for samples with low alkalinity. Such 
inconsistencies have also been seen in other studies and have been attributed to the 
presence of dissolved organic carbon (Kim and Lee 2009; Hoppe et al. 2012) which is 
not accounted for in the thermodynamic carbonate model. Estimated dissolved organic 
carbon (DOC) was quite similar between the samples and in the range 33-78 mg L-1 
(Baldwin 1999) (Table 2). For those samples with (≤ 0.5 meq L-1), where DIC < DOC, 
the discrepancy between total (Gran) and carbonate alkalinity seems likely to have 
occurred through the uptake of protons by organic bases (Table 2). Hence it seems 
preferable to not use alkalinity as a measured parameter for carbonate system 
calculations in soils, particularly in low alkalinity soils. Hence measuring pH and 
pCO2 or TCO2 should be preferred. Spectrophotometric carbonate measurements 
recently developed by Easley et al. (2013) may also enable precise values for 
carbonate concentration which is a parameter that can also be used in internal 
consistency calculations.  
While the internal consistency of the seawater CO2 system has been previously 
demonstrated (Millero et al. 1993; Clayton et al. 1995; Wanninkhof et al. 1999; 
Patsavas et al. 2015; Salt et al. 2016;), our measurements show it is possible to 
demonstrate this in soil solutions. This is important as it demonstrates, for the first 
time to our knowledge, that carbonate system equilibria can be accurately modelled in 
soils. According to Raupach et al. (2007), atmospheric CO2 could increase to over 
1000 ppm by the end of this century. This could even have much higher effect on CO2 
in soils, as soil pCO2 for some soils can be 1-10 times higher than CO2 concentrations 
in the open atmosphere (Strawn et al. 2015). This reaction is kinetically controlled 
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which mainly depends on soil respiration as a major element in carbon cycle 
weathering processes, soil water content and temperature (Raich and Potter, 1995). 
As noted above soil pCO2 is one of the most important variables governing soil 
solution pH (Robbins 1986). To indicate the potential application of the proposed 
model to assess climate change effects, the influence of four soil pCO2 scenarios on 
pH on selected soils was shown in figure 3 where soil pH decreased from 0.4 to 1 pH 
units as a consequence of increased pCO2 from 1000 to 10000 µatm. 
 
 
Figure 3: The mean pH calculated for the different pCO2 (1000, 2500, 5000, 10000 uatm pCO2) 
concentrations using carbonate model for 9 soil samples (1= Lock Siliceous, 2 = Ngarkat, 3= Monarto 
1, 4= Modra 5= Lock Horizon B 6= Karoonda 7= Monarto 2 , 8= Cowirra 9= Black point). 
 
Another capability of the carbonate equilibrium model is the determination of accurate 
CaCO3 saturation states. Monitoring of calcite saturation state is important since it will 

















climate change on soil ecosystems in the future. The carbonate model can help better 
explore this process as in previous scenario, the effect of increasing soil pCO2 was 
evident in the model.  The effect of varying pCO2 on calcite saturation state (calculated 
using PHREEQC from pH and TA) of soil samples used in this study is illustrated in 
figure 4 where at higher pCO2, calcite condition switches from supersaturated (SI > 0) 
to undersaturated (SI < 0). This would suggest solid calcite dissolution would occur in 
the soil which lowers pH buffering capacity. It is also important to note that our 
measurement set-up and models assumed an open system fully equilibrated with the 
atmosphere which likely only applies to the surface soil system. Nevertheless, the 
internal consistency demonstrated should also apply to a closed system. 
 
 





























The potential for higher accuracy of spectrophotometric pH determination than with a 
glass electrode was not proven (i.e. accuracy was very similar) using the carbonate 
equilibria which may be due to our very careful pH electrode measurement protocols 
(e.g., temperature control, electrodes with free-flowing junctions designed for soil).  
Spectrophotometrically measured pH along with another carbonate system parameter 
has been the most common approach to calculate oceanic pCO2 (Clayton et al. 1995; 
Patsavas et al. 2015).  The soil carbonate modelling conducted in this study would be 
the first step in developing an approach for indirect measurement of soil pCO2 in situ 
and better understanding risks of calcium carbonate dissolution. Consequently, it 
would be important to see if such internal consistency can be demonstrated in situ. 
Also, the contribution of spectrophotometric pH measurement method in 
characterization of CO2 system is reassessed.  For this purpose, field experiments are 
now suggested accompanied by both spectrophotometric and electrode soil pH 
measurement methods. Soil respiration changes pCO2 and pH which needs to be 
considered in the design of field measurements. Widespread global measurement of 
soil pH and calcium carbonate states using these methods would appear beneficial to 
assess risks of the soil system to climate change.  
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CHAPTER 6 
CONCLUSIONS AND FUTURE RESEARCH 
 
1 Conclusion: 
This thesis describes the development of spectrophotometric methods, using 
sulfonephthalein indicator dyes, for the determination of pH of soils. The high 
precision and accuracy of this method compared to the conventional methods using a 
glass electrode has previously been demonstrated for the determination of pH of 
marine waters (Robert-Baldo et al. 1985; Clayton and Byrne 1993; Yao and Byrne 
2001). However, the much larger range of pH values encountered in soils, greater 
heterogeneity of the material, along with the presence of suspended soil particles (to 
avoid this problem, soil solution was centrifuged for 30 mins -1 h and then soil extract 
supernatant was carefully pipetted into a clean tube, refer to chapter 2, 3 and 4), 
represented a significant challenge in adapting the method. Spectrophotometric pH 
measurements rely on knowledge of the molecular light absorption properties of 
indicator dyes and involve measurement of the absorbance ratios of acid and base 
forms of indicators at two wavelengths (Yao and Byrne 2001). This method has 
advantages over the conventional glass electrode method for measuring pH, which 
typically needs repeated calibration and can be compromised by a range of potential 
problems, including liquid junction errors, and high rates of drift of the reference 
electrode potential (Millero 1986; Yuan and DeGrandpre 2008). Additional problems 
can occur in soil extracts such as clogging of the electrode by soil colloidal particles 
(Skoog et al. 2007) and a “suspension effect” in which higher concentrations of H+ 
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(and hence lower pH) are recorded due to the presence of exchange H+ present near 
cation exchange sites of suspended soil particles (Essington 2015). 
Although colorimetric methods have been previously developed for use in soils by 
Snyder (1935) and Raupach and Tucker (1959), these previous methods are based on 
visual assessment of colour, which limits resolution to approximately 0.5 pH units 
(Rayment and Lyons 2011). Many chemical equilibria in soil occur in a narrow pH 
range and even ±0.1 pH unit errors can lead to poor prediction of chemical reactions 
such as metal speciation. Therefore, the purpose of this study was to develop accurate 
and precise spectrophotometric methods for measuring soil pH for a wide range of soil 
conditions.  
While spectrophotometric methods avoid several problems inherent with electrode 
measurement of pH, achievement of high accuracy and precision in 
spectrophotometric pH measurement requires a high degree of care. For all 
experiments, spectrophotometric and glass electrode measurements were undertaken 
at 25°C and the accuracy of the spectrophotometric method was tested through the 
analysis of a known pH standard NIST buffer solutions. The effect of ionic strength 
of soil extracts on the pKa of indicator species was corrected using the Davies equation 
and indicator induced pH perturbation was quantified through extrapolation of 
absorbance ratios (R) to zero dye addition via linear regression of R against different 
volume of indicators added to samples (Clayton and Byrne 1993). 
This study comprises four main experiments, described in Chapters 2-5. Chapter 2 
describes the development of the basic spectroscopic method, which is limited to a pH 
range of 5.0-8.5. Chapter 3 describes the extension of the method for use with soils in 
the extreme acid range (down to 3.0 pH units). The methods described in Chapters 2 
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and 3 involve the use of a single indicator dye, for which accurate pH determination 
is limited to a range of approximately 1 pH either side of the pKa of the dye. Chapter 
4 describes an important extension of the approach in which the simultaneous addition 
of four indicator dyes extends the range of the method to a pH range of 3-9. Chapter 
5 describes the development of the carbonate model for evaluation of soil inorganic 
carbon systems. Simultaneously, the accuracy of spectrophotometric method for soil 
pH measurements using an inorganic carbon equilibrium model was assessed, along 
with the internal consistency of this system.  
Chapter 2 (published as Bargrizan et al. 2017) describes the initial development of the 
spectrophotometric approach for measuring soil pH, in this case restricted to a pH 
range of 5-8.5, which corresponds to mildly acidic to mildly alkaline soils. This basic 
method involved the use of one of two sulfonephthalein indicators, bromocresol purple 
(BCP) and phenol red (PR), whose pKa values are different, allowing coverage of the 
pH range of interest. Values of pH determined via the spectrophotometric and glass 
electrode methods were compared for both water and CaCl2 soil extracts and at 
different extraction ratios. A strong correlation (r2 > 0.95) was found between these 
two methods across all soil extracts. The precision of pH measured 
spectrophotometrically (i.e. the standard deviation of measurement of replicate soil 
extracts) was between 0.02-0.08 pH units which was similar to the precision obtained 
using the glass electrode. The results indicated that the spectrophotometric method can 
give comparable results to even the most careful application of the electrode method, 
where associated problems such as electrode drift, clogging and need to calibrate for 
variable ionic strength have been controlled for. Since glass electrode method cannot 
be viewed as necessarily accurate or a gold standard for measuring soil pH due to its 
potential issues mentioned above, the spectrophotometric method could be a robust 
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alternative to glass electrode method in terms of high precision and accuracy and also 
preventing the glass electrode-associated deficiencies.  
The method developed in Chapter 2 and indeed most previous spectrophotometric pH 
studies are limited to the determination of pH in the range 5-8.5. Whereas this is 
generally sufficient for freshwater and marine water samples, a substantial number of 
soils are more acidic than a pH of 5.0 (e.g. those that have experienced oxidation of 
reduced inorganic sulfur, affected by nitrogen fertiliser application, or are organic-
rich). A key management issue with acidic soils is high availability of metallic 
elements which can cause toxicity problems. This availability is closely related to 
absorption isotherms for individual metals on hydrous Fe, Al and Mn oxides in soils, 
and these are sensitive over narrow pH ranges. Development of an accurate pH 
measurement method for acidic soils would enable more accurate metal speciation 
prediction.  
Chapter 3 (published as Bargrizan et al. 2018a) describes the extension of the 
spectrophotometric method to measure pH of soils in the highly acidic soil pH range, 
from 5.3 down to around 3.0 pH units. The performance of the method was 
demonstrated for a 12-week aerobic incubation of an acid sulfate soil. Acid sulfate 
soils, given their wide range of pH variation during oxidation and reputation for 
association with problems of high metal availability, provide an excellent model to 
determine the specific role of pH in determining metal speciation and partitioning in 
soils.  
The development of a method for this purpose required the accurate characterization 
of the spectral properties of bromocresol green (BCG) indicator, for which the reported 
pKa was 4.416 in seawater (Byrne and Breland 1993). This value relates to conditions 
131
of high ionic strength; the properties of BCG at low ionic strength have never been 
determined accurately previously. The indicator’s molar absorptivities at the 
wavelength of peak maxima for both acid and base forms and determination of the 
indicator’s second dissociation constant (pKa) were determined by dissolving BCG in 
a phthalate buffer with known pH. This study showed the capability of BCG for 
spectrophotometric soil pH measurement between the pH range of 3.0-5.3. Moreover, 
a good correlation between spectrophotometric and electrode methods under acidic 
conditions indicated that there is no interaction between the dye and metal 
concentrations which could otherwise affect pH determination.  
All of the methods described in Chapters 2 and 3 involved the use of individual dyes, 
for which the working pH range is limited to approximately ±1 pH unit from their pKa 
(King and Kester 1990; Yao and Byrne 2001). Therefore, prior knowledge of the 
probable soil pH is essential when using these single indicator dye methods. This is a 
particular problem for soils with a wide pH range (Miller and Kissel 2010) especially 
in the case of application of this method in situ where pH could vary widely even 
throughout a single soil profile (the range of 3-7) (Mosley et al. 2017). 
Chapter 4 (published as Bargizan et al. 2018b) describes the development of an 
extended pH range (3-9) spectrophotometric pH measurement that employs a four-dye 
mixture including bromophenol blue (BPB), bromocresol purple (BCP), m-cresol 
purple (mCP) and thymol blue (TB). The properties of the mixed indicator are directly 
linked to the properties in the individual dyes in the theory and calculations. This 
selection was made based on the understanding that the pKa of single dyes in the 
mixture should be no more than 2 pH units apart and also that the wavelengths of 
maximum acid and base peak absorbance of individual dyes in the mixture should be 
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similar. The main consequence of using dyes with different wavelengths of maximum 
acid and peak absorbance is that sensitivity is reduced as a common wavelength near 
the absorbance maxima cannot be found. Based on analysis of individual dye spectra, 
the common wavelengths were chosen at 434 and 585 nm for the mixed dye acid and 
base peak measurement respectively. An accuracy of ±0-0.06 pH units for the dye 
mixture was achieved using standard buffer solutions across a pH range of 3-9. The 
multiple indicator dye spectrophotometric method was also successfully used for 
measuring soil pH with a high correlation (r2 = 0.99) against glass electrode methods 
and in an alkalinity titration. Most soil pH is within the pH range of 3-9, the method 
developed is not suitable for soils with pH higher than 9 or less than 3. However, the 
addition of a different dye to the mixture to cover a higher pH range could in theory 
be possible if it met the selection criteria described above. This experiment was 
important since it obviates the restriction of a narrow working pH range inherent with 
all methods that use an individual indictor for soil pH measurements, and potentially 
measurement in other systems. In addition, more advanced techniques such 
hyperspectral imaging can now be explored with the multiple dye method to 
potentially provide high spatial resolution soil pH measurements (e.g. to study around 
rhizosphere). 
Finally, the soil carbon cycle is susceptible to increasing anthropogenic perturbations 
such as climate change and soil acidification due to the magnitude of organic and 
inorganic carbon fluxes (Lal and Kimble 2000). To evaluate changes in the inorganic 
carbon system as a consequence of climate change, the internal consistency of the 
marine system has been widely documented through measurement of any two of four 
carbonate variables (total alkalinity (TA), dissolved inorganic carbon (DIC), partial 
pressure of CO2 (pCO2), and pH) (Clayton et al. 1995, Zhang et al. 1996; Wanninkhof 
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et al. 1999; Lueker et al. 2000; Patsavas et al. 2015).  However, insufficient attention 
has been paid to measuring and understanding the response of the soil inorganic carbon 
system to increasing concentration of atmospheric CO2. 
Chapter 5 describes experiments aimed at assessing the internal consistency of the soil 
carbonate system using the thermodynamic carbonate model proposed by Stumm and 
Morgan (1996) with pH calculated from two other inter-related variables of the 
carbonate system (total alkalinity, pCO2) and compared to measurements. The purpose 
of this experiment was to see if the soil inorganic carbon system could be reliably 
evaluated, with the view to allowing more confidence in the research community’s 
ability to study the response of the soil system to climate change. Additionally, the 
recent developed spectrophotometric technique for soil pH measurements in this thesis 
were used in this inorganic carbon system assessment. Concurrently, this enabled the 
accuracy of the spectrophotometric method to be assessed via associated 
measurements of the carbonate system and comparing calculated to measured pH as 
has already been conducted in the marine chemistry field (Dickson and Riley 1978; 
Clayton et al. 1995). The pCO2 was fixed in the experiment by equilibrating the soil 
solution with air with a known pCO2. Discrepancy of calculated pH from measured 
pH using spectrophotometric and glass electrode methods was within 0.00-0.1 pH 
units when alkalinity was > 0.5 meq L-1. The result of this work implied the accurate 
prediction of pH from other carbonate system parameters is feasible using the 
inorganic carbon system dissociation constants of Stumm and Morgan (1996) at 25°C. 
However, the organic base contribution appeared to result in errors in the calculated 
pH for samples with low alkalinity < 0.5 meq L-1.  Moreover, although a greater 
accuracy of spectrophotometric method compared to glass electrode using the 
carbonate equilibria was not confirmed in this study, that was the first time that this 
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method was used for the investigation of the internal consistency of soil carbonate 
system.  
Together, the experiments described in this thesis demonstrate spectrophotometric 
measurement is a valid alternative to the conventional glass electrode method for the 
determination of pH of soil extracts across a wide pH range and avoids many issues 
associated with the electrode method. The lower precision for soil pH measured 
spectrophotometrically compared to natural water spectrophotometric pH 
measurements is associated with the extra steps needed for soil extract preparation 
such as shaking and centrifuging which could alter the sample CO2 levels (Zabowski 
and Sletten 1991) resulting in progressive increase in pH of replicate samples 
Future Research 
In the experiments in this thesis, all our spectrophotometric measurements were 
laboratory based.  However, in chapter 2, the potential application of 
spectrophotometric method for measuring soil pH in situ was shown in reflectance 
mode following the application of dye directly to 1:1 soil/water mixtures using 
StellarNet Black Comet spectrometer with a R600-8-visible near infrared fiber optic 
reflectance probe. Therefore, the method can potentially be extended to in situ 
measurement in soils for future studies to better understand the role of pH in soils and 
inter-related inorganic carbon system dynamics. 
The in situ application of spectrophotometric methods could be particularly beneficial 
for long term observation of carbonate equilibria in soil ecosystems using the soil 
carbonate modelling introduced in chapter 5. Soil pH measurement using indicator 
dye in situ could be conducted faster by using syringe pump to extract soil solution 
connected to cuvette cell holder and spectrograph-based detection system. (figure 1, 
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Martz et al. 2003). By this approach, indirect measurements of soil pCO2 in situ from 
accurate measured pH, along with the measurement of another carbonate system 
parameter, would be possible. Moreover, this would provide an opportunity to assess 




Figure 1: Diagram of the instrument for spectrophotometric pH measurements in situ described by 
Martz et al. (2003). 
 
Additionally, based on the results obtained in Chapter 5, it would also be beneficial to 
quantify accurately the interference of dissolved organic carbon in low alkalinity soil 
solutions for accurate evaluation of soil internal consistency. Measuring DIC or 
carbonate instead of alkalinity may be beneficial to reduce errors in low alkalinity 
samples.  
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The development of novel technologies for use in the field is required. The next stage  
in the development of the spectrophotometric soil pH measurements method in situ  
could include the development of Lab-on-Chip pH sensor on platforms which has 
recently been used in marine system (Rerolle et al. 2018). This may allow the 
multidimensional study of pH at high resolution in soils which would be useful to 
better understanding of geochemical processes and the spatial and temporal dynamic 
of pH changes and carbonate system. Furthermore, the use of hyperspectral cameras 
and scanners is worthy of further investigation as soil pH is believed to be quite 
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Mixed dye in discussion section has also been referred to (Chapter 4, Bargrizan et al. 
2018), (King and Kester 1989) and (King and Kester 1990). 
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CHAPTER 4 
Please note that in Figure 1, for the dye spectra presented, they were all measured at 
the same dye concentration (0.002 mol l-1). 
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